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FOREWORD 


The  research  reported  herein  was  supported  by  the  U.S.  Army  Research  Office  with  Dr.  R. 
Husk  and  Dr.  R.  Ghirardelli  as  Scientific  Officers.  This  report  covers  the  period  1  June 
1991  through  31  August  1994.  The  program  has  been  directed  by  Dr.  K.O.  Christe.  The 
scientific  effort  was  carried  out  mainly  by  Drs.  K.O.  Christe,  W.W.  Wilson,  C.J.  Schack, 
E.C.  Curtis  and  Mr.  R.D.  Wilson.  The  program  was  administered  by  Dr.  S.C.  Hurlock. 

Other  contributors  to  these  research  efforts,  at  no  cost  to  the  contract  were: 

Dr.  D.A.  Dixon  (DuPont) 

Drs.  G  J.  Schrobilgen,  J.C.P,  Sanders,  and  H.P.  Mercier  (McMaster  University) 
Drs.  G.A.  Olah,  G.K.S.  Prakash,  N.  Hartz,  G.  Rasul,  Q.  Wang,  and  J.  Casanova 
(USC). 

Drs.  R.  Bau,  D.  Zhao,  S.  Sukumar,  S.W.  Bunte,  R.  Lu,  and  T.  Metzenthin  (USC) 
Dr.  R.  Bougon  (CEN  Saclay,  France) 

Dr.  Minkwitz  (Universitat  Dortmund,  Germany) 

Drs.  F.  Williams,  B.W.  Walther,  and  J.T.  Wang  (University  of  Tennessee, 
Knoxville) 

Dr.  S.  Khan  (UCLA) 

Drs.  K.  Seppelt  and  A.R.  Mahjoub  (Freie  Universitat  Berlin,  Germany) 

Dr.  A.  Pagelot  (Bruker  France) 

Drs.  H.  Oberhammer  and  H.G.  Mack  (Universitat  Tubingen,  Germany) 
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INTRODUCTION 


This  is  the  final  report  of  a  research  program  carried  out  at  Rocketdyne  between  1  June 
1991  and  31  August  1994.  The  purpose  of  this  program  was  to  explore  the  synthesis  and 
properties  of  energetic  inorganic  halogen  oxidizers.  Although  the  program  was  directed 
toward  basic  research,  applications  of  the  results  were  continuously  considered. 

Only  the  completed  items  of  research,  which  have  been  summarized  in  manuscript  form, 
are  included  in  this  report.  A  total  of  23  technical  papers  were  published  and  5  papers  are 
in  press  in  major  scientific  journals.  In  addition,  12  papers  were  presented  at  international 
and  national  conferences.  The  technical  papers  are  given  as  Appendices  A  through  BB. 
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PUBLICATIONS  GENERATED  UNDER  THIS  PROGRAM 


Published  Papers 

1 .  "The  Pentafluoroxenate  (IV)  Anion,  XeFs-;  the  First  Example  of  a  Pentagonal 

Planar  AX5  Species,"  J.  Amer.  Chem.  Soc..  113.  3351  (1991)  with  E.  C.  Curtis, 
H.  P.Mercier,  J.  C.  P.  Sanders,  G.  J.  Schrobilgen,  and  D.  Dixon. 

2.  "X-ray  Crystal  Structure  and  Raman  Spectrum  of  Tribromine(l+) 
Hexafluoroarsenate(V),  Br3+AsF6“,  and  Raman  Spectrum  of  Pentabromine(l+) 
Hexafluoroarsenate(V),  B^AsFg-,"  Z.  anorg.  alls.  Chem.  593.  46  (1991)  with 
R.  Bau,  and  D.  Zhao. 

3.  "High-coordination  Number  Fluoro-  and  Oxofluoro-anions;  IF60“,  TeF602-, 

TeF7-,  IFg-,  and  TeFQ2-,"  J.  Chem.  Soc.  Chem.  Commun,.  837  (1991)  with 
J.C.P.  Sanders,  G.J.  Schrobilgen  and  W.W.  Wilson. 

4.  "The  N2F+  Cation.  An  Unusual  Ion  Containing  the  Shortest  Presently  Known 
Nitrogen-Nitrogen  and  Nitrogen-Fluorine  Bonds,"  J.  Amer.  Chem.  Soc..  113. 
3795  (1991)  with  R.  D.  Wilson,  W.  W.  Wilson,  R.  Bau,  and  S.  Sukumar,  and 
D.A.  Dixon. 

5.  "New  Synthesis,  Crystal  Structure,  and  Vibrational  Spectra  of 
Tetramethylammonium  Azide  and  Reactions  of  the  Fluoride  Anion  with  HN3  and 
of  the  Azide  Anion  with  HF."J.  Amer.  Chem.  Soc..  114.  341 1  (1992)  with  W.W. 
Wilson,  R.  Bau  and  S.  Bunte. 

6.  "A  Quantitative  Scale  for  the  Oxidizing  Strength  of  Oxidative  Fluorinators,"  L 
Amer.  Chem.  Soc,.  114.  2978  (1992)  with  D.A.  Dixon. 

7 .  "Controlled  Replacement  of  Fluoride  by  Oxygen  in  Fluorides  and  Oxyfluorides," 
Chapter  contributed  to  a  book  on  "Synthetic  Fluorine  Chemistry,"  G.A.  Olah,  R.D. 
Chambers  and  G.K.S.  Prakash,  Edit.  John  Wiley  &  Sons,  Inc.  (1992)  with  W.W. 
Wilson  and  C.J.  Schack. 

8 .  "Osmium  Tetrafluoride  Dioxide,  OSO2F4,"  a  New  Osmium  (VIII)  Oxide  Fluoride," 
J.  Chem.  Soc.  Chem,  Commun..  1056  (1992)  with  R.  Bougon. 

9.  "The  Pentabromine  (1+)  Cation,  Brs+.  Local  Density  Functional  Calculations  and 
Vibrational  Spectra,"  Z.  Anorg.  Allg.  Chem..  612.  1  (1992)  with  D.A.  Dixon  and 
R.  Minkwitz. 

10.  "Nitrogen  Pentafluoride:  Covalent  NF5  versus  Ionic  NF^F"  and  Studies  on  the 
Instability  of  the  Latter,"  J.  Amer.  Chem.  Soc..  114.  9934  (1992)  with  W.W. 
Wilson. 
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11.  "Nitrosyl  Hypofluorite:  Local  Density  Functional  Study  of  a  Problem  Case  for 
Theoretical  Methods,"  J.  Phvs.  Chem..  96.  1018  (1992)  with  D.A.  Dixon. 

12.  "The  Tetrafluorosulfate  (1-)  and  Tetrafluorooxosulfate  (1-)  Radical  Anions,  SF4“ 

and  SF4Q~."  J.  Amer.  Chem.  Soc..  1  15.  1129  (1993)  with  J.T.  Wang,  B. 
Walther,  F.  Williams,  I.B.  Goldberg,  D.A.  Dixon,  and  CJ.  Schack. 

13.  "On  the  Problem  of  Heptacoordination:  Vibrational  Spectra,  Structure,  and 
Fluxionality  of  Iodine  Heptafluoride"  J.  Amer.  Chem.  Soc..  115. 1520  (1993)  with 
E.C.  Curtis  and  D.A.  Dixon. 

14.  "The  Aminodiazonium  Cation,  H2N3+,"  J.  Amer.  Chem.  Soc..  115.  1836  (1993) 
with  W.W.  Wilson,  D.A.  Dixon,  S.I.  Khan,  R.  Bau,  T.  Metzenthin,  and  R.  Lu. 

15.  "The  IOF6_  Anion:  The  First  Example  of  a  Pentagonal  Bipyramidal  AX5YZ 
Species,"  J.  Amer.  Chem.  Soc..  115.  2696  (1993)  with  D.A.Dixon,  A.R. 
Mahjoub,  H.P.A.  Mercier,  J.C.P.  Sanders,  K.  Seppelt,  G.J.  Schrobilgen,  and 
W.W.  Wilson. 

16.  "Heptacoordination:  Pentagonal  Bipyramidal  TeF7“  and  XeF7+  Ions,"  J.  Amer. 
Chem.  Soc.,  in  press  with  D.A.  Dixon,  J.C.P.  Sanders,  G.J.  Schrobilgen,  and 
W.W.  Wilson. 

17.  "On  the  Structure  of  IOF5,"  J.  Amer.  Chem.  Soc..  115.  9655  (1993)  with  E.C. 
Curtis  and  D.  A.  Dixon. 

18.  "The  TeOFg  Anion:  The  First  Example  of  a  Divalent,  Pentagonal  Bipyramidal 
"Osmium  Tetrafluoride  Dioxide,  0s02F4,"  submitted  to  J.  Amer.  Chem.  Soc., 
with  D.A.  Dixon,  H.G.  Mack,  H.  Oberhammer,  A.  Pagelot,  J.C.P.  Sanders,  and 
GJ.  Schrobilgen. 

20.  "The  Tetrafluorophosphite,  PF4“,  Anion,"  J.  Am.  Chem.  Soc..  1 16.  2850  (1994) 
with  D.A.  Dixon,  H.P.A.  Mercier,  J.C.P.  Sanders,  G.J.  Schrobilgen,  and  W.W. 
Wilson. 

21.  "Heptacoordinated  Main-Group  Fluorides  and  Oxofluorides,"  Chapter  5  in 
"Inorganic  Fluorine  Chemistry  Toward  the  21st  Century"  ACS  Symposium  Series 
555  (1994),  with  E.C.  Curtis,  D.A.  Dixon,  H.P.A.  Mercier,  J.C.P.  Sanders,  G.J. 
Schrobilgen,  and  W.W.  Wilson. 

22.  "Electrophilic  Fluorination  of  Methane  with  "F*"  Equivalent  N2F+  and  NF4+ 
Salts,"  J,  Am.  Chem.  Soc..  116.  5671  (1994)  with  J.A.  Olah,  N.  Hartz,  G.  Rasul, 
Q  Wang,  G.K.S.  Prakash,  and  J.  Casanova. 

23.  "Vibrational  Spectra  and  Mutual  Ligand  Interactions  in  the  Hydrogen  Substituted 
Main  Group  Hexafluorides  HPF5-  and  HSF5,"  J.  Am.  Chem.  Soc..  116.  7123 
(1994)  D.A.  Dixon  and  W.W.  Wilson. 
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Submitted  Papers 


24.  "On  the  Hydrolysis  and  Methanolysis  of  PF4  and  Nuclear  Magnetic  Resonance 
and  Vibrational  Spectra  of  the  POF2-  and  HP02F~  Anions,"  Inorg,  Chem..  in 
press,  with  D.A.  Dixon,  J.C.P.  Sanders,  G.J.  Schrobilgen,  and  W.W.  Wilson. 

25.  "On  the  Instability  of  Salts  Containing  the  Trifluoride  Anion,"  J.  Fluorine  Chem.. 
in  press. 

26.  "Theoretical  Prediction  of  the  Structures  and  Stabilities  of  Azidamines,"  J.  Phvs. 
Chem..  in  press,  with  H.H.  Michels,  J.A.  Montgomery,  and  D.A.  Dixon.  ' 

27.  "Chemical  Methods  for  the  Generation  of  Fluorine,"  chapter  contributed  to  the  new 
Fluorine  Chemistry  edition  of  Houben-Weyl's  Methods  of  Organic  Chemistry. 

28.  "On  the  Structure  of  the  XeOFs-  Anion  and  of  Heptacoordinated  Complex 
Fluorides  containing  One  or  Two  Highly  Repulsive  Ligands  of  Sterically  Active 
Free  Valence  Electron  Pairs,"  Inorg.  Chem..  in  press,  with  D.A.  Dixon,  J.C.P. 
Sanders,  G.J.  Schrobilgen,  S.S.  Tsai,  and  W.W.  Wilson. 

Papers  Presented  at  Meetings 

29.  "A  Quantitative  Scale  for  the  Oxidizing  Strength  of  Oxidative  Florinators,"  by  K.O. 
Christe  and  D.A.  Dixon,  XHIth  International  Symposium  on  Fluorine  Chemistry, 
Bochum,  Germany,  September,  1991. 

30.  "Lewis  Acid  Behavior  of  Xenon  (13)  Cations  and  the  Synthesis  and  Characterization 
of  Fluoro-  and  Oxofluoro-  Xenon  Anions  at  the  Limits  of  Coordination,"  by  K.O. 
Christe,  H.P.  Mercier,  J.C.P.  Sanders,  G.J.  Schrobilgen,  J.S.  Thrasher,  and 
W.W.  Wilson,  Xmth  International  Symposium  on  Fluorine  Chemistry,  Bochum, 
Germany,  September,  1991. 

3 1 .  "Syntheses  and  Characterization  of  the  New  PF4“  and  HP02F~  Anions,"  by  W.W. 
Wilson,  K.O.  Christe,  J.P.C.  Sanders,  G.J.  Schrobilgen,  D.A.  Dixon,  and  R. 
Bau,  203rd  National  Meeting  of  the  American  Chemical  Society,  San  Francisco, 
CA,  April,  1992. 

32.  "From  Heptacoordiation  to  Fulleronium  Salts,"  by  K.O.  Christe,  W.W.  Wilson, 
203rd  National  Meeting  of  the  American  Chemical  Society,  San  Francisco,  CA, 
April,  1992. 

33.  "Application  of  Local  Density  Functional  Theory  to  Fluorinated  Systems,"  by  D.A. 
Dixon  and  K.O.  Christe,  203rd  National  Meeting  of  the  American  Chemical 
Society,  San  Francisco,  CA,  April,  1992. 

34.  "Novel  Fluorine  Oxidizers,"  by  K.O.  Christe,  High  Energy  Density  Matter 
Conference,  Lancaster,  CA,  April,  1992. 

35.  "Osmium  Tetrafluoride  Dioxide,  0sF402.  A  new  Osmium  (+VIII)  Fluoride 
Oxide,"  by  K.O.  Christe,  Xth  European  Symposium  on  Fluorine  Chemistry, 
Padua,  Italy,  September,  1992. 
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36.  "Computational  Studies  of  Fluorinated  Systems,"  by  D.A.  Dixon,  K.D.  Dobbs, 
and  K.O.  Christe,  ACS  11th  Winter  Fluorine  Conference,  St.  Petersburg,  FA, 
January,  1993. 

37.  "Experimental  and  Computational  Chemistry.  A  Marriage  Made  in  Heaven,"  by 
K.O.  Christe,  W.W.  Wilson,  and  D.A.  Dixon,  ACS  11th  Winter  Fluorine 
Conference,  St.  Petersburg,  FA,  January,  1993. 

38.  "In  Search  of  Novel  High  Energy  Density  Materials,"  by  K.O.  Christe,  High 
Energy  Density  Matter  Conference,  Woods  Hole,  MA,  June,  1993. 

39.  "On  Mutual  Ligand  Interactions  in  Monosubstituted  Main-Group  Hexafluoride,"  by 
K.O.  Christe,  W.W.  Wilson,  and  D.A.  Dixon,  207th  ACS  National  Meeting,  San 
Diego,  CA,  March,  1994. 

40.  "Novel  High  Energy  Compounds,"  by  K.O.  Christe  and  W.W.  Wilson,  High 
Energy  Density  Matter  Conference,  Crystal  Bay,  NV,  June,  1994. 
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RESULTS  AND  DISCUSSION 


The  present  report  follows  our  tradition  [Ref.  1,2]  of  highly  successful  research  programs 
under  Army  sponsorship.  In  view  of  the  vast  amount  of  technical  data  generated  under  this 
program,  this  discussion  will  be  limited  to  a  highlight  of  some  of  the  major  achievements. 
For  more  details,  the  reader  is  referred  to  the  publications  given  in  the  Appendices. 


Novel  Chemistry  at  the  Limits  of  Coordination  and  Oxidation 

Most  of  this  chemistry  is  based  on  our  discovery  of  a  synthesis  of  truly  anhydrous 
tetramethylammonium  fluoride  in  1990  [Ref.  3].  This  compound  provides  a  source  of 
highly  soluble  fluoride  ion  while  possessing  a  cation  which  has  excellent  kinetic  stability 
toward  strong  oxidizers.  Using  CH3CN  as  an  oxidizer  resistant  solvent,  we  have 
succeeded  to  prepare  and  isolate  N(CH3)4+  salts  of  strongly  oxidizing  anions  such  as 
C1F4-  [Ref.  4],  C1F6_  [Ref.  5],  IOF6_  (Appendix  O)  or  XeOF5"  (Appendix  BB).  The 
ability  to  prepare  with  this  approach  highly  coordinated  fluoro  anions  in  their  highest 
oxidation  states  has  led  to  a  worldwide  renaissance  in  high  coordination  chemistry,  and  the 
structures  of  many  compounds  with  coordination  numbers  in  excess  of  6  have  been 
explored  [Appendices  C,O.P,R,  and  U  and  Ref.  6]. 

A  particularly  interesting  case  is  that  of  heptacoordination.  Depending  on  the  presence  or 
absence  of  free  valence  electron  pairs  and  unequal  ligand  repulsions,  these  compounds  can 
exhibit  fluxionality,  dynamic  puckering  effects,  and  either  steric  activity  or  inactivity  of  the 
free  valence  electron  pair  (see  Appendices  A,C,M,0,P,R,  and  BB).  Of  the  numerous 
novel  ions  prepared  under  this  program,  the  most  unique  one  is  the  XeF5“  anion 
(Appendix  A).  This  ion  is  the  first  known  example  of  a  pentagonal  planar  XY5  species. 
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Nitrogen  Fluoride  Chemistry 


Since  recent  ab  initio  calculations  [Ref.  7,8]  had  suggested  that  NF5  is  a  vibrationally 

stable  molecule,  and  our  Born  Haber  cycles  had  indicated  that  the  energy  difference 
between  covalent  NF5  and  ionic  NF4+F“  should  be  very  small,  we  examined  the  thermal 
stability  of  NF4+F"  by  metathetical  syntheses  at  low  temperatures.  It  was  found  that  even 
at  -142°C,  NF4+F~  is  unstable  toward  decomposition  to  NF3  and  F2,  a  process  which  we 
calculated  to  be  exothermic  by  about  32  kcal  mol-1  (Appendix  J). 

In  collaboration  with  Prof.  Olah's  group  from  USC,  the  electrophilic  fluorination  of 
methane  with  "F+"  equivalent  N2F*  and  NF4+  salts  was  studied  (Appendix  V).  It  was 
shown  that  CH4  can  be  fluorinated  electrophilicly  in  high  yields  to  give  CH3F,  CH2F2  and 
CHF3,  and  the  mechanistic  consequences  of  these  reactions  were  discussed. 

Azide  Chemistry 

Recently,  there  has  been  considerable  interest  in  the  possible  existence  of  new  allotropic 
forms  of  nitrogen,  i.e.  polynitrogen  compounds  [9].  All  of  these  studies  were  theoretical 
studies  and  dealt  with  cyclic  or  polycyclic  compounds  which  would  be  very  difficult  to 
synthesize.  In  collaboration  with  Dr.  Michels  from  UTC  and  Dr.  Dixon  from  DuPont  we 
have  now  shown  that  a  new  class  of  noncyclic  polynitrogen  compounds  the  azidamines, 
are  vibrationally  stable,  and  feasible  synthetic  routes  for  these  materials  were  proposed 
(Appendix  Z). 

We  have  also  found  a  new  synthesis  for  N(CH3)4+N3_  and  have  determined  its  crystal 

structure  and  vibrational  spectra.  In  addition  we  have  studied  the  reaction  chemistry  of  the 

F~  anion  with  HN3  and  of  the  N3_  anion  with  HF.  It  was  found  that  even  at  -80°C  HN3 

displaces  F“  from  M+F~  with  formation  of  equimolar  amounts  of  M+N3-  and  HF.  The 

latter  reacts  with  M+Fr  to  give  M+HF2~.  On  the  other  hand,  HF  quantitatively  displaces 
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N3  from  M+N~ 3  with  formation  of  HN3  and  M+H2  .  This  apparent  discrepancy  can  be 
explained  by  the  vast  difference  in  basicity  between  F~  and  HF2-  (Appendix  E). 


By  protonation  of  HN3  in  super  acids,  the  new  aminodiazonium  salts  H2N3+SbF6  , 
H2N3+AsF6“,  and  H2N3+BF4-  were  prepared,  and  the  crystal  structure  of  H2N3+SbF6~ 

was  determined  in  collaboration  with  Prof.  Bau  from  USC.  It  was  shown  that  both 
hydrogen  atoms  are  connected  to  the  same  nitrogen  atom  and  that  H2N3+  is  isostructural 
with  cyanamide  H2NCN  (Appendix  N). 

High  Oxidation  State  Transition  Metal  Fluorides 

The  new  Os(+VIII)  oxofluoride,  0s02F4,  was  prepared  from  OSO4  and  KrF2.  It  is  a 
stable  compound  and  its  structure  was  determined  by  electron  diffraction,  NMR  and 

4Q  “7 

vibrational  spectroscopy.  Also,  its  Os  chemical  shift  was  determined  by  indirect 
methods  in  collaboration  with  Dr.  Pagelot  from  Bruker-France.  187 Os  NMR  spectra  are 
very  difficult  to  measure  because  1870s  is  the  least  sensitive  nuclide  in  the  Periodic  Table 
(Appendix  S). 

Miscellaneous 

In  the  area  of  polyhalogen  chemistry,  it  was  shown  that  the  F3_  anion,  which  had 
previously  been  observed  at  15°K  in  Ar  matrix  [Ref.  10],  is  unstable  at  temperatures  as  low 
as  131°K  (Appendix  Y).  Furthermore,  the  crystal  structure  and  vibrational  spectra  of  the 
Br3+  cation  were  determined  (Appendix  B)  and  the  Br5+  cation  was  studied  by  Raman 

spectroscopy  and  local  density  functional  calculations  (Appendix  I).  Using  anhydrous 
N(CH3)4F  as  a  convenient  source  of  soluble  F"  ions,  the  novel  PF4“  anion  was  prepared 

and  characterized  (Appendix  T),  and  its  hydrolysis  and  methanolysis  products  were  studied 
(Appendix  X).  Also,  the  novel  SF4“  and  SF40”  radical  anions  were  prepared  by 
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y-irradiation  of  SF5_  and  SF50“  salts  and  characterized  by  ESR  spectroscopy  (Appendix 
L).  The  nitrosyl  hypofluorite  molecule,  FONO,  which  is  a  problem  case  for  theoretical 
calculations,  was  successfully  calculated  by  local  density  functional  methods  and  the 
experimentally  observed  vibrational  spectra  were  successfully  duplicated  (Appendix  K). 
Our  work  on  a  quantitative  scale  for  the  oxidizing  strength  of  oxidative  fluorination 
(Appendix  F)  and  systematic  fluorine-oxygen  exchange  reactions  (Appendix  G)  were 
completed  and  published.  The  previously  published  [Ref.  11]  structure  of  IOF5  was 

revised  and  it  was  shown  that  there  is  no  evidence  for  the  existence  of  a  so  called 
"secondary  relaxation  effect"  (Appendix  Q). 
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Abstract:  Xenon  tetrafluoride  forms  stable  1:1  adducts  with  N(CH3)4F,  CsF,  RbF,  KF,  and  NaF  and  an  unstable  1:1  adduct 
with  FNO.  All  these  adducts  are  ionic  salts  containing  pentagonal  planar  XeF5"  anions  as  shown  by  a  crystal  structure 
determination  of  N(CH3)4+XeF3",  Raman  and  infrared  spectra,  and  l9F  and  ,29Xe  NMR  spectroscopy.  The  X-ray  crystal 
structure  of  N(CH3)4+XeF3"  was  determined  at  -86  °C.  This  compound  crystallizes  in  the  orthorhombic  system,  space  group 
Pmcn,  with  four  molecules  in  a  unit  cell  of  dimensions  a  -  6.340  (2)  K,b-  10.244  (3)  A,  and  c  =  13.896  (4)  A  with  R  = 
0.0435  for  638  observed  (/  >  3<r(/)]  reflections.  In  addition  to  four  N(CH3)4+  cations,  the  structure  contains  four  pentagonal 
planar  XeF3"  anions  per  unit  cell  with  Dik  symmetry.  The  Xe-F  distances  are  1.979  (2)-2.034  (2)  A  with  F-Xc-F  angles 
of  7 1 .5  (4)— 72.3  (4)°.  The  Dih  structure  of  the  XeFs_  anion  is  highly  unusual  and  represents  the  first  example  of  an  AX3E2 
(E  =  valence  electron  lone  pair)  species  in  which  all  six  atoms  are  coplanar.  The  results  from  the  crystal  structure  determination 
and  a  normal  coordinate  analysis  show  that  the  XeF5  plane  of  XeF3"  is  considerably  more  rigid  than  that  in  the  fluxional  IF, 
molecule  due  to  the  increased  repulsion  from  the  xenon  free  valence  electron  pairs.  Local  density  functional  calculations  were 
carried  out  for  XeF3~  and  XeF4  with  a  double-numerical  basis  set  augmented  by  polarization  functions  and  confirm  the 
experimentally  observed  geometries  and  vibrational  spectra.  It  is  shown  that  the  bonding  in  XeF3"  closely  resembles  that  in 
XeF4.  In  a  valence  bond  description,  it  can  be  visualized  as  the  two  axial  positions  being  occupied  by  two  sp-hybridized  free 
valence  electron  pairs  and  the  equatorial  fluorines  being  bound  by  two  Xe  5p  electron  pairs  through  semiionic  multicenter 
four-electron  bonds. 


Introduction 

Recent  work  in  our  laboratories  has  shown  that  anhydrous 
N(CH3)4F4  holds  great  potential  for  the  synthesis  and  charac¬ 
terization  of  novel,  high  oxidation  state,  complex  fluoro  anions.5"7 
An  area  of  special  interest  to  us  is  the  problem  of  maximum 
coordination  numbers  and  their  influence  on  the  steric  activity 
of  free  valence  electron  pairs.  For  example,  it  was  shown  that 
nitrogcn(V)  cannot  accommodate  five  fluorine  ligands,8  whereas 
the  iodine  in  IF6",  which  had  long  been  thought  to  have  a  distorted 
octahedral  structure,9,10  has  recently  been  confirmed  to  possess 
a  sterically  active  lone  valence  electron  pair.10  In  contrast,  the 
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central  atom  free  valence  electron  pairs  in  the  smaller  C1F6"  and 
BrF6"  anions  become  sterically  inactive  due  to  space  limitations, 
as  demonstrated  in  very  recent  vibrational6,10  and  single-crystal 
X-ray  structure  studies.11 

In  this  context,  the  likely  structures  of  the  XeF5"  and  XeFt2" 
anions  posed  an  interesting  problem,  since  both  anions  contain 
two  free  valence  electron  pairs  on  the  xenon  central  atom. 
Therefore,  they  are  representatives  of  the  novel  AX5Ej  and  AX^Ej 
geometries,  respectively,  where  E  stands  for  a  free  valence  electron 
pair.  Whereas  no  reports  have  been  published  on  the  existence 
or  possible  structure  of  XeF5'  or  any  other  AX5E2  species,  Kiselev 
and  co-workers13"15  recently  reported  the  synthesis  of  M2XeF6  salts 
(M  =  Cs,  Rb,  K,  Na)  from  XeF4  and  MF.  On  the  basis  of 
vibrational  spectra,  they  surprisingly  assigned  an  octahedral 
structure  to  XeF*2".  However,  a  closer  inspection  of  their  published 


(11)  Mahjoub,  A  R.;  Hoser,  A4  Fuchs,  J.;  Seppelt,  K.  Angew.  Chem.,  Int. 
Ed.  Engl.  1989,  28,  1526. 

(12)  Reference  deleted  in  proof. 

(13)  Spitzin,  V.  I.;  Kiselev,  Yu.  M.;  Fadeeva,  N.  E.;  Popov,  A.  L;  Tchu- 
maevsky,  N.  A.  Z.  Anorg.  Allg.  Chem.  1988,  559,  171. 

(14)  Kiselev,  Yu.  M.;  Goryacbenkov,  S.  A.;  Martynenko,  L.  I.;  Spitsyn, 
V.  I.  Dokl.  Akad.  Nauk  SSSR  1984, 278,  881. 

(15)  Kiselev,  Yu.  M.;  Fadeeva,  N.  E.;  Popov,  A.  I.;  Korobov,  M.  V.; 
Nikulin,  V.  V.;  Spitsyn,  V.  I.  Dokl.  Akad.  Nauk  SSSR  1987,  295,  378. 
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spectra13  revealed  that  both  the  frequency  separations  and  relative 
intensities  of  the  observed  bands  are  incompatible  with  an  octa¬ 
hedral  species.16  Furthermore,  it  was  noted  that  the  Raman 
spectrum  attributed  to  Cs2XeF6  was  identical  with  that  previously 
observed  during  the  laser  photolysis  of  CsXeF,  and  tentatively 
assigned  to  Cs2XeF8.17  In  view  of  these  discrepancies  we  decided 
to  investigate  the  fluoride-acceptor  properties  of  XeF4  using 
N(CH3)4F  as  a  fluoride  ion  source  and  to  reinvestigate  the 
XeF4-MF  systems. 

Experimental  Section 

Apparatus  and  Materials.  Volatile  materials  were  handled  in  stainless 
steel-Teflon  and  Pyrex  glass  vacuum  lines,  as  previously  described.1®'19 
Nonvolatile  materials  were  handled  in  the  dry  nitrogen  atmosphere  of 
a  glovebox. 

Literature  methods  were  used  for  the  syntheses  of  anhydrous  N(C- 
H3)4F  4  XeF4,M  and  FNO21  and  the  drying  of  CHjCN.4-22  The  LiF 
(Research  Inorganic  Chemicals,  Research  Organic  Chemicals),  NaF 
(Matheson),  and  BaF2  (Baker  and  Adamson)  were  dried  under  vacuum 
at  125  °C  prior  to  their  use.  The  KF  (Allied),  RbF  (American  Potash), 
and  CsF  (KBI)  were  dried  by  fusion  in  a  platinum  crucible,  followed  by 
transfer  of  the  hot  clinkers  to  the  dry  nitrogen  atmosphere  of  the  glovebox 
where  the  fluoride  samples  were  ground  prior  to  use. 

Syntheses  of  M+XeF5~  (M  —  Cs,  Rb,  K,  Na).  The  dry,  finely  pow¬ 
dered  alkali  metal  fluorides  (2  mmol)  and  XeF4  (4—8  mmol)  were  loaded 
inside  the  drybox  into  prepassivated  (with  CIF3),  10-mL,  stainless  steel 
Hoke  cylinders  that  were  closed  by  metal  valves.  The  cylinders  were 
evacuated  at  -78  °C  on  the  vacuum  line  and  then  heated  in  an  oven  to 
190  °C  for  14  h.  Unreacted  XeF4  was  pumped  off  at  30  °C  and  collected 
in  a  tared  Teflon  U-trap  at  -196  °C  until  the  cylinders  reached  a  constant 
weight.  The  combining  ratios  of  MF  with  XeF4  were  obtained  from  the 
observed  material  balances,  i.e.,  the  weights  of  MF,  XeF4  used,  XeF4 
recovered,  and  the  products.  Under  the  above  conditions,  the  following 
combining  ratios  were  observed:  CsF:XeF4  =  1:0.99,  RbF:XeF4  =  1:0.95, 
KF:XeF4  =  1:0.65,  and  NaF:XeF4  =  1:0.32.  Additional  heating  of  the 
KF-XeF4  and  NaF-XeF4  adducts  with  more  XeF4  to  135  °C  for  10  days 
increased  the  conversion  of  KF  and  NaF  to  the  corresponding  XeF5~  salts 
to  73%  and  36%,  respectively. 

Synthesis  of  NO+XeF3".  In  the  drybox,  XeF4  (1.03  mmol)  was  loaded 
into  a  prepassivated  0.5-in.-o.d.  Teflon-FEP  ampule  that  was  closed  by 
a  stainless  steel  valve.  On  the  vacuum  line,  FNO  (6.77  mmol)  was  added 
to  the  ampule  at  -196  °C.  The  ampule  was  allowed  to  warm  to  0  °C 
and  was  kept  at  this  temperature  for  10  min  with  agitation,  and  the 
unreacted  FNO  was  then  pumped  off  at  -78  °C.  The  white  solid  residue 
(265  mg,  weight  calculated  for  1.03  mmol  of  NO+XeF3~  =  264  mg)  had 
a  dissociation  pressure  of  10  Torr  at  0  °C. 

Synthesis  of  N(CH3)4+XeF3*.  In  a  typical  synthesis,  N(CH3)4F  and 
XeF4  (2.01  mmol  each)  were  loaded  into  a  Teflon-FEP  ampule  in  a 
drybox  and  CH3CN  (3  mL  liquid)  was  vacuum  distilled  onto  the  solid 
at  -196  °C.  The  mixture  was  warmed  to  -40  °C  for  30  min  with 
agitation  and  then  allowed  to  warm  to  room  temperature,  followed  by 
removal  of  the  solvent  in  vacuo  at  this  temperature.  The  white  solid 
residue  [605  mg,  weight  calculated  for  2.01  mmol  of  N(CH3)4+XeF3*  = 
604  mg]  was  identified  as  N(CH3)4+XeF3"  by  vibrational  and  NMR 
spectroscopy  and  a  crystal  structure  determination.  When  isolated  from 
CH3CN  solution,  the  compound  is  stable  indefinitely  at  room  tempera¬ 
ture. 

Caution!  When  solutions  of  N(CH3)4+XeF3*  in  CH3CN  are  frozen 
in  liquid  nitrogen,  they  may  detonate.  Similar,  but  milder,  detonations 
were  also  found  to  occur  when  XeF4  solutions  were  frozen  at  -196  °C. 
Exposure  of  solid  samples  of  N(CH3)4+XeF3~  to  atmospheric  moisture 
for  even  brief  periods  has  resulted  in  the  violent  detonation  of  bulk 
samples. 

Crystal  Structure  Determination  of  N(CH3)4+XeF3~.  Crystal  Growing. 
Single  crystals  of  N(CH3)4+XeF3~  suitable  for  X-ray  analysis  were  grown 
from  CH3CN  solution  by  vacuum  distilling  ca.  2.5  mL  of  dry  CH3CN 
onto  ca.  50  mg  of  N(CH3)3+XeF5~  in  a  '/4-in.-o.d.  FEP  reaction  vessel 
equipped  with  a  Kel-F  valve.  The  mixture  was  warmed  to  65  °C  to  effect 
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Table  I.  Summary  of  Crystal  Data  and  Refinement  Results  for 
[N(CH3)4]+[XeF3]~1' 


space  group 
a  (A) 
b(k) 
c  (A) 

v  (A3) 

molecules/unit  cell 
molec  wt  (g  mol-1) 
calcd  density  (g  cm*3) 

T  (°C) 
color 

cryst  decay  (%) 

U  (cm*1) 

wavelength  (A)  used  for  data  collectn 

sin  9/\  limit  (A*1) 

total  no.  of  reficns  measured 

no.  of  independent  reficns 

no.  of  reficns  used  in  struct  anal.  /  >  3 a(l) 

no.  of  variable  params 

final  agreement  factors 


Pmcn  (orthorhombic) 
6.340  (2) 

10.244  (3) 

13.896  (4) 

902.55 

4 

300.44 

2.153 

-86 

colorless 

0.6 

35.77 

0.71069 

0.538 

1414 

641 

638 

83 

R(F)  =  0.0435 
R(WF)  =  0.0435 


*  Unit  cell  parameters  obtained  at  23  °C  were  a  =  6.400  A,  o  = 
10.321  A,  and  c  =  14.029  A;  volume,  926.71  A3. 


dissolution  and  allowed  to  cool  slowly  to  room  temperature  (ca.  5  °C/h). 
Colorless  crystals  up  to  5  mm  in  length,  having  a  needle-like  morphology, 
formed  overnight.  The  mother  liquor  was  syringed  off  the  crystals  in  a 
dry  nitrogen  atmosphere  and  residua!  solvent  was  removed  under  dy¬ 
namic  vacuum.  Several  crystals  were  cleaved  perpendicular  to  their  long 
axes  to  give  fragments  measuring  ca.  0.2  mm  X  0.2-0.3  mm  and  trans¬ 
ferred  in  a  drybox  to  0.2-mm-o.d.  Lindemann  glass  capillaries  (previously 
dried  under  dynamic  vacuum  at  250  °C  for  1  day)  and  sealed  under  a 
dry  nitrogen  atmosphere.  The  crystals  were  shown  to  be  identical  with 
the  bulk  sample  prior  to  recrystallization  by  obtaining  the  single-crystal 
Raman  spectrum  at  room  temperature  (see  Figure  5b)  and  were  found 
to  be  stable  at  room  temperature  in  glass  indefinitely. 

Collection  and  Reduction  of  X-ray  Data.  Crystals  of  N(CH3)4+XeFj* 
were  centered  on  a  Syntex  P3  diffractometer.  Accurate  cell  dimensions 
were  determined  at  T  =  23  °C  and  at  T  =  -86  °C  from  a  least-squares 
refinement  of  the  setting  angles  (x,  <p,  and  29)  obtained  from  15  accu¬ 
rately  centered  reflections  (with  22.14°  <29  <  28.1 1°)  chosen  from  a 
variety  of  points  in  reciprocal  space.  At  T  =  23  °C,  and  after  several 
hours  in  the  X-ray  beam,  the  crystal  appeared  to  be  totally  decomposed, 
resulting  in  an  opaque  white  coloration.  Integrated  diffraction  intensities 
were  collected  on  a  new  crystal  at  T  =  -86  °C  using  a  9~29  scan  tech¬ 
nique  (slowest  rate  5.0°/min)  with  0  <  h  <  10, 0  <  k  <  15,  and  -15  < 
/  <  1 5,  using  molybdenum  radiation  monochromatized  with  a  graphite 
crystal  (X  =  0.71069  A).  Throughout  the  data  collection,  two  standard 
reflections  were  monitored  every  48  reflections;  a  decay  of  0.6%  was 
observed;  the  intensities  were  adjusted  accordingly.  A  total  of  1414 
reflections  were  collected  out  of  which  641  reflections,  satisfying  the 
condition  /  >  ia(l),  were  chosen  for  structure  solution.  The  intensities 
of  these  reflections  were  corrected  for  Lorentz  polarization  effects. 

Solution  and  Refinement  of  the  Structure.  There  were  two  space 
groups  that  were  consistent  with  the  reflection  pattern:  the  noncentro- 
symmetric  space  group  P2\cn  (No.  33)  and  the  centrosymmetric  space 
group  Pmcn  (No.  62).  The  structure  has  been  solved  in  both  centro¬ 
symmetric  (Pmcn)  and  noncentrosymmetric  (P2\cn)  space  groups.  The 
direct  method  of  structure  solution  in  the  computer  program  shelx-7623 
was  used  to  locate  the  positions  of  the  Xe  atom  and  the  five  F  atoms. 
Successive  Fourier  synthesis  yielded  all  the  remaining  non-hydrogen 
atoms.  The  structure  was  refined  by  using  the  full-matrix  least-squares 
technique  with  isotropic  thermal  parameters  for  individual  atoms.  In  the 
case  of  the  Pmcn  space  group  and  after  full  convergence  of  the  isotropic 
refinement  (R  =  0.1265),  the  atoms  were  assigned  anisotropic  thermal 
parameters  and  further  refined  by  the  full-matrix  least-squares  technique 
(R  =  0.0714).  The  positions  of  the  hydrogen  atoms  were  calculated  and 
the  fixed  hydrogen  atoms  were  given  an  isotropic  temperature  factor  of 
0.05  A2.24  The  R  factor  obtained  was  0.0652,  with  the  unit  weights. 
There  was  significant  disagreement  between  the  F0  and  Fc  values  of  three 
reflections,  110,  312,  and  413,  and  these  values  were  consequently 
omitted  in  a  further  refinement.  This  resulted  in  a  global  improvement 
of  the  structure  and  a  final  value  for  the  R  factor  of  0.0435. 


(23)  Sheldrick,  G.  M.  SHELX-76  Program  for  Crystal  Structure  Deter¬ 
mination-,  University  of  Cambridge:  Cambridge,  England,  1976. 

(24)  Hall,  S.  R.;  Stewart,  J.  H.  XTAL  2.6  User’s  Manual-,  University  of 
Western  Australia  and  University  of  Maryland. 
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Table  II. 

Final  Atomic  Coordinates  for  (N(CH3)4]+[XeF5]' 

atom 

X 

y 

Z 

pop.” 

Xel 

0.2500 

0.1233  (1) 

0.0155  (1) 

0.5 

FI 

0.2500 

0.1876  (9) 

0.1497  (6) 

0.5 

F2 

0.2500 

-0.0324  (8) 

0.1025  (6) 

0.5 

F3 

0.2500 

-0.0399  (8) 

-0.0673  (6) 

0.5 

F4 

0.2500 

0.1799  (9) 

-0.1236  (6) 

0.5 

F5 

0.2500 

0.3217  (8) 

0.0110(6) 

0.5 

N1 

0.2500 

-0.403  (1) 

0.172  (1) 

0.5 

Cl 

0.2500 

0.628  (2) 

0.068  (1) 

0.5 

C2 

0.2500 

-0.281  (2) 

0.231  (1) 

0.5 

C3 

0.437  (5) 

-0.483  (2) 

0.196(1) 

1.0 

*The  site  occupation  factor. 


The  same  procedure  was  used  for  the  Pl\cn  space  group,  which  gave 
rise  to  a  final  R  factor  of  0.0763.  The  ratio  of  agreement  factors  R- 
(7.63/4.35)  =  1 .75  is  sufficient  by  Hamilton’s  R  factor  ratio  test1  to  state 
that  the  correct  space  group  is  Pmcn. 

An  empirical  absorption  correction  was  also  applied,  but  no  significant 
improvement  in  the  refinement  was  observed;  in  particular  there  was  no 
change  in  the  anisotropic  thermal  parameters. 

Details  of  the  data  collection  parameters  and  other  crystallographic 
information  for  the  Pmcn  space  group  are  given  in  Table  I,  and  the  final 
atomic  coordinates  are  summarized  in  Table  II.  The  following  programs 
were  used:  xtal,24  data  reduction;  shelx-76,23  structure  refinement; 
SNOOPI,23  diagrams. 

Vibrational  Spectroscopy.  Raman  spectra  were  recorded  on  either  a 
Cary  Model  83  or  a  Spex  Model  1403  spectrophotometer  using  a  488-nm 
exciting  line  of  an  Ar  ion  or  the  647.1-nm  line  of  a  Kr  ion  laser,  re¬ 
spectively.  Baked-out  Pyrex  melting  point  capillaries  or  thin-walled 
Kel-F  tubes  were  used  as  sample  containers.  A  previously  described26 
device  was  used  for  recording  the  low-temperature  spectra  (at  -1 50  °C). 
Single-crystal  spectra  of  N(CH3)4+XeF5"  were  recorded  at  room  tem¬ 
perature  on  a  Instruments  S.A.  Mole  S-3000  triple  spectrograph  system 
equipped  with  a  microscope  for  focusing  the  excitation  laser  to  a  one- 
micrometer  spot.  The  Ar  laser  line  at  514.5  nm  was  selected  for  exci¬ 
tation  of  the  sample.  Crystals  were  sealed  in  Lindemann  glass  capillaries 
as  described  below. 

Infrared  spectra  were  recorded  by  using  AgBr  disks  on  a  Perkin-Elmer 
Model  283  spectrophotometer.  The  finely  powdered  samples  were 
sandwiched  between  two  thin  AgBr  disks  and  pressed  together  in  a  Wilks 
minipress  inside  the  drybox. 

Nuclear  Magnetic  Resonance  Spectroscopy.  The  WF  and  l2,Xe  NMR 
spectra  were  recorded  unlocked  (field  drift  <0.1  Hz  h"1)  with  Bruker 
WM-250  and  Bruker  AM-500  spectrometers  equipped  with  5.87 19-T 
and  1 1.744-T  cryomagnets,  respectively.  Fluorine- 19  spectra  were  ob¬ 
tained  by  using  a  5-mm  combination  'H/:,F  probe  operating  at  235.36 
MHz.  The  spectra  were  accumulated  in  16K  memory.  Spectral  width 
settings  of  5000  and  30000  Hz  were  employed,  yielding  data  point  res¬ 
olutions  of  0.61  and  3.6  Hz/data  point  and  acquisition  times  of  1 .638  and 
0.279  s,  respectively.  No  relaxation  delays  were  applied.  Typically 
300-7000  transients  were  accumulated.  The  pulse  width  corresponding 
to  a  bulk  magnetization  tip  angle,  9,  of  approximately  90°  was  equal  to 
1  ns.  No  line  broadening  parameters  were  applied  in  the  exponential 
multiplication  of  the  free  induction  decays  prior  to  Fourier  transforma¬ 
tion. 

Xenon-129  NMR  spectra  were  obtained  by  using  a  broad-band  VSP 
probe  tunable  over  the  range  23-202  MHz;  spectra  were  recorded  at 
139.05  MHz.  The  spectra  were  accumulated  in  a  16K  memory.  A 
spectral  width  setting  of  50  kHz  was  employed,  yielding  a  data  point 
resolution  of  6.1  Hz/data  point  and  an  acquisition  time  of  0.164  s.  No 
relaxation  delays  were  applied.  Typically  10000  transients  were  accu¬ 
mulated.  The  pulse  width  corresponding  to  a  bulk  magnetization  tip 
angle,  9 ,  of  approximately  90°  was  equal  to  18  ns.  Line-broadening 
parameters  of  4  Hz  were  applied  in  the  exponential  multiplication  of  the 
free  induction  decays  prior  to  Fourier  transformation. 

The  '*F  and  12,Xe  NMR  spectra  were  referenced  to  neat  external 
samples  of  CFC13  and  XeOF4,  respectively,  at  ambient  temperature.  The 
chemical  shift  convention  used  is  that  a  positive  (negative)  sign  signifies 
a  chemical  shift  to  high  (low)  frequency  of  the  reference  compound. 

The  12,Xe  NMR  samples  of  saturated  solutions  of  N(CH3)4+XeF5- 
in  CH3CN  were  prepared  in  25-cm  lengths  of  3/t-in.-o.d.,  '/jr'n  wall 
FEP  plastic  tubing  that  had  been  reduced  to  9-mm  o.d.  by  squeezing  in 
a  heated  precision  brass  mold.  The  FEP  tubing  was  heat  sealed  at  one 


(25)  Davies,  K.  CHEMGRAF  Suite.  SNOOPI;  Chemical  Design  Ltd.: 
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end  with  the  open  end  flared  (45°  SAE)  and  joined,  by  means  of  com¬ 
pression  fittings,.to  a  Kel-F  valve.  The  FEP  tubes  were  heat  sealed  under 
dynamic  vacuum  with  their  contents  frozen  at  -78  °C.  The  sealed  FEP 
sample  tubes  were  inserted  into  10-mm  thin-walled  precision  NMR  tubes 
(Wilmad)  in  order  to  run  their  spectra. 

The  l9F  NMR  samples  were  prepared  in  precision  5-mm  glass  NMR 
tubes  (Wilmad).  Solid  N(CH3)4+XeF5"  (or  N(CH3)4+XeF3"  and  N- 
(CH3)4+F~j  was  loaded  into  the  NMR  tube  in  the  drybox  and  CH3CN 
solvent  distilled  in  vacuo  into  the  tube  at  -78  °C.  The  tube  was  flame 
sealed.  On  warming  to  room  temperature,  a  colorless  saturated  solution 
resulted  containing  some  solid  N(CH3)4+XeF5_,  which  was  decanted  into 
the  top  of  the  tube  prior  to  obtaining  the  NMR  spectrum. 

Computational  Method.  The  calculations  described  below  were  done 
by  using  the  local  density  functional  theory21"30  with  the  program  system 
DMol.31  DMol  employs  numerical  functions  for  the  atomic  basis  sets. 
The  atomic  basis  functions  are  given  numerically  as  an  atom-centered, 
spherical,  polar  mesh.  The  radial  portion  of  the  grid  is  obtained  from 
the  solution  of  the  atomic  LDF.equations  by  numerical  methods.  The 
radial  functions  are  stored  as  sets  of  cubic  spline  coefficients  so  that  the 
radial  functions  are  piecewise  analytic,  a  necessity  for  the  evaluation  of 
gradients.  The  use  of  exact  spherical  atom  results  offers  certain  advan¬ 
tages.  Because  of  the  quality  of  the  atomic  basis  sets,  basis  set  super¬ 
position  effects  should  be  minimized,  correct  behavior  at  the  nucleus  is 
obtained,  and  radial  nodal  properties  of  the  wave  function  are  present. 

Because  the  basis  sets  are  numerical,  the  various  integrals  arising  from 
the  expression  for  the  energy  need  to  be  evaluated  over  a  grid.  The 
integration  points  are  generated  in  terms  of  angular  functions  and 
spherical  harmonics.  The  number  of  radial  points  JVR  is  given  as 

NR  =  1.2  X  14(Z+  2)'/3  (1) 

where  Z  is  the  atomic  number.  The  maximum  distance  for  any  function 
is  1 2  au.  The  angular  integration  points  Na  are  generated  at  the  NR 
radial  points  to  form  shells  around  each  nucleus.  The  value  of  N0  ranges 
from  14  to  302  depending  on  the  behavior  of  the  density.32  The  Coulomb 
potential  corresponding  to  the  electron  repulsion  term  could  be  solved  by 
evaluation  of  integrals.  However,  since  the  method  is  based  on  the 
density,  it  was  found  to  be  more  appropriate  to  determine  the  Coulomb 
potential  directly  from  the  electron  density  by  solving  Poisson’s  equation 

-V2Ke(r)  =  4  xe2p(r)  (2) 

In  DMol,  the  form  for  the  exchange-correlation  energy  of  the  uniform 
electron  gas  is  that  derived  by  von  Barth  and  Hedin.33 

All  of  the  DMol  calculations  were  done  with  a  double-numerical  basis 
set  augmented  by  d  polarization  functions.  This  can  be  thought  of  in 
terms  of  size  as  a  polarized  double-/ basis  set.  However,  because  exact 
numerical  solutions  are  employed  for  the  atom,  this  basis  set  is  of  sig¬ 
nificantly  higher  quality  than  a  normal  molecular  orbital  polarized 
double-/  basis  set.  The  fitting  functions  have  an  angular  momentum 
number  one  greater  than  that  of  the  polarization  function,  resulting  in 
a  value  of  /  =  3  for  the  fitting  functions. 

Geometries  were  determined  by  optimization  using  analytic  gradient 
methods.34  First  derivatives  in  the  LDF  framework  can  be  calculated 
efficiently  and  only  take  on  the  order  of  three  to  four  SCF  iterations  or 
10-25%  of  an  energy  evaluation.  There  are  two  problems  with  evaluating 
gradients  in  the  LDF  framework,  which  are  due  to  the  numerical  meth¬ 
ods  that  are  used.  The  first  is  that  the  energy  minimum  does  not  nec- 


(27)  Parr,  R.  G.;  Yang,  W.  Density  Functional  Theory  of  Atoms  and 
Molecules-,  Oxford  University  Press:  New  York,  1989. 

(28)  Salahub,  D.  R.  In  Ab  Initio  Methods  in  Quantum  Methods  in 
Quantum  Chemistry,  2nd  ed.;  Lawley,  K.  P.,  Ed.;  J.  Wiley  &  Sons:  New 
York,  1987;  p  447. 

(29)  (a)  Wimmer,  E.;  Freeman,  A.  J.;  Fu,  C.-L.;  Cao,  P.-L.;  Chou,  S.-H.; 
Delley,  B.  In  Supercomputer  Research  in  Chemistry  and  Chemical  Engi¬ 
neering ;  Jensen,  K.  F.,  Truhlar,  D.  G.,  Eds.;  ACS  Symposium  Series:  Am¬ 
erican  Chemical  Society:  Washington,  DC,  1987;  p  49.  (b)  Dixon,  D.  A.; 
Andzelm,  J.;  Fitzgerald,  G.;  Wimmer,  E.;  Delley,  B.  In  Science  and  Engi¬ 
neering  on  Cray  Supercomputers.  Proceedings  of  the  Fifth  International 
Symposium;  Cray  Research:  Minneapolis,  MN,  1990;  p  285. 

(30)  Jones,  R.  O.;  Gunnarsson,  O.  Rev.  Mod.  Phys.  1989,  61,  689. 

(31)  Delley,  B.  J.  Chem.  Phys.  1990,  92,  508.  DMol  is  available  com¬ 
mercially  from  BIOSYM  Technologies,  San  Diego,  CA. 
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(34)  (a)  Versluis,  I.;  Ziegler,  T.  J.  Chem.  Phys.  1988,  88,  3322.  (b) 
Andzelm,  J.;  Wimmer,  E.;  Salahub,  D.  R.  In  The  Challenge  of  d  and  f 
Electrons:  Theory  and  Computation;  Salahub,  D.  R.,  Zemer,  M.  C.,  Eds.; 
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1989,  90,  6371. 
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Figure  1.  Atom  numbering  scheme,  bond  lengths  (A)  and  angles  (deg) 
for  XeFj"  at  -86  °C  in  [N(CHj)4]+[XeF5]-.  Projection  of  the  XeFs- 
anion  on  (111).  Esd’s  are  given  in  parentheses;  thermal  ellipsoids  are 
shown  at  the  50%  probability  level. 


Table  HI.  Bond  Distances  (A)  and  Bond  Angles  (deg)  in 
[N(CH3)<]+[XeF5]- 


Bond  Lengths 


Xel-F! 

1.979  (2) 

Nl-Cl 

1.481  (6) 

Xel-F2 

2.001  (2) 

N1-C2 

1.488  (6) 

Xel-F3 

2.030  (2) 

N1-C3 

1.524  (4) 

Xel-F4 

2.018  (2) 

Xel-F5 

2.034  (2) 

Bond  Angles 

F2-Xel-Fl 

72.3  (4) 

C2-N1-C1 

110.7  (3) 

F3-Xel-F2 

71.7  (4) 

C3-N1-C1 

108.9  (5) 

F4-Xel-F3 

72.2  (4) 

C3-N1-C2 

109.6  (4) 

F5-Xel-Fl 

72.3  (4) 

F5-Xel-F4 

71.5  (4) 

F3  F2 


Figure  2.  Projections  of  the  XeFs"  anion  on  (130)  (left)  and  (010) 
(right).  Thermal  ellipsoids  are  shown  at  the  50%  probability  level. 

essarily  correspond  exactly  to  the  point  with  a  zero  derivative.  The 
second  is  that  sum  of  the  gradients  may  not  always  be  zero  as  required 
for  translational  invariance.  These  tend  to  introduce  errors  on  the  order 
of  0.001  A  in  the  calculation  of  the  coordinates  if  both  a  reasonable  grid 
and  basis  set  are  used.  This  gives  bond  lengths  and  angles  with  reason¬ 
able  error  limits.  The  difference  of  0.001  A  is  about  an  order  of  mag¬ 
nitude  smaller  than  the  accuracy  of  the  LDF  geometries  as  compared  to 
experiment. 

Results  and  Discussion 

Syntheses  and  Properties  of  XeFs“  Salts.  The  reactions  of  the 
alkali-metal  fluorides  with  XeF4  were  studied  under  conditions 
(190  °C,  14  h)  very  similar  to  those  previously  reported  by  Kiselev 
and  co-workers.13-15  It  was  found  that  XeF4  combines  with  either 
CsF  or  RbF  in  a  clean  1:1  mole  ratio  to  form  the  corresponding, 
previously  unidentified  XeF3  salts.  In  the  case  of  KF  and  NaF 
the  same  anion  was  formed;  however,  the  percentage  conversion 
of  MF  to  MXeF5  decreased  with  decreasing  atomic  weight  of  M 
(CsF  =  99%,  RbF  =  95%,  KF  =  65%,  and  NaF  =  32%)  and 
increased  reaction  times  were  required  for  higher  conversions. 

The  interactions  of  LiF  and  BaF2  with  XeF4  were  also  exam¬ 
ined,  but  in  neither  case  was  evidence  for  the  formation  of  a  stable 
adduct  obtained. 

The  XeFj"  salts  of  Cs+,  Rb+,  K+,  and  Na+  are  white,  stable 
solids.  Their  physical  properties,  thermal  stabilities,  etc.  are  those 
previously  attributed  by  Kiselev  and  co-workers  to  the  corre¬ 
sponding  M2XeF6  salts.13-15  As  will  be  shown  below,  they  all 
contain  pentagonal  planar  XeFs-  anions. 

Attempts  to  prepare  CsXeF5  from  CsF  and  XeF4  at  room 
temperature  in  CH3CN  solutions  were  unsuccessful  because  of 
the  very  low  solubility  of  CsF  in  this  solvent.  However,  the  highly 
soluble  N(CH3)4F  readily  forms  N(CH3)4+XeF5-  under  these 


conditions.  Even  with  a  2:1  molar  ratio  of  N(CH3)4F:XeF4  in 
CH3CN  solvent  and  a  large  excess  of  MF  in  the  XeF4-MF 
systems,  only  XeF5-,  and  no  XeF62-,  was  observed,  indicating  that 
XeFs-  is  the  favored  anion.  The  N(CH3)4+XeFs-  salt  is  a  white, 
stable  solid  whose  structure  was  established  by  a  crystal  structure 
determination  and  vibrational  and  NMR  spectroscopy  (see  below). 

The  lack  of  XeF62-  formation  in  these  systems  was  further 
demonstrated  by  a  study  of  the  FNO-XeF4  system.  Even  when 
a  large  excess  of  FNO  was  used,  only  NO+XeF5-,  and  no 
(NO+)2XeF62-,  was  formed  at  temperatures  as  low  as  -78  °C. 
The  NO+XeF5-  salt  is  a  white  solid  having  a  dissociation  pressure 
of  10  Torr  at  0  °C.  It  is  ionic,  containing  NO+  and  XeF5-  ions 
as  shown  by  vibrational  spectroscopy  (see  below). 

In  view  of  the  above  results  and  the  structural  evidence  pres¬ 
ented  below,  it  appears  quite  clear  that  the  salts  obtained  by  the 
reactions  of  XeF4  with  fluoride  ion  sources  are  XeF5-,  and  not 
XeF62-,  salts.  The  fact  that  some  of  the  products  reported13-15 
by  the  Soviet  workers  gave  elemental  analyses  approaching  the 
M2XeF6  composition  might  be  attributed  to  incomplete  conversion 
of  MF  to  MXeF5  thus  resulting  in  MF  +  MXeF5.  There  is  also 
no  doubt  that  the  products  observed  during  the  laser  photolysis 
of  either  CsXeF7  or  NF4XeF7  were  not  XeFg2-  but  XeF5-  salts.17 

X-ray  Crystal  Structure  of  N(CH3)4+XeF5-.  The  crystal 
structure  consists  of  well-separated  N(CH3)4+  and  XeFs-  ions. 
The  N(CH3)4+  cation  is  tetrahedral  with  the  expected  bond 
lengths.  Different  views  of  the  XeF5-  anion  are  shown  in  Figures 
1  and  2,  while  a  stereoview  of  the  packing  in  the  unit  cell  is  given 
in  Figure  3  in  which  the  hydrogen  atoms  have  been  omitted  in 
the  cation.  Important  bond  lengths  and  angles  are  listed  in  Table 
III.  The  xenon  and  five  fluorines  of  the  XeF5-  anion  and  the 
nitrogen  and  two  carbons  of  the  cation  are  located  on  special 
positions  that  are  on  the  mirror  plane,  resulting  in  an  anion  that 
is  planar  by  crystal  symmetry.  The  closest  anion-cation  distance 
occurs  between  F2  and  C2,  which  lies  in  the  anion  plane,  at  3.105 
(5)  A,  whereas  the  remaining  closest  F---C  distances  occur  at  3.237 
(5)  (F5-C1),  3.354  (5)  (F3--C2),  3.370  (5)  (F1-C3),  and  3.651 
(5)  A  (F4---C2).  The  sum  of  the  van  der  Waals  radii  of  CH3 
(2.00  A35)  and  F  (1.3535-1 .4036  A)  is  3.35-3.40  A.  The  F2—C2 
distance  suggests  weak  hydrogen  bonding  between  the  C2  methyl 
group  and  F2  and  is  somewhat  shorter  than  the  shortest  F---C 


B  B 


Figure  3.  Stereoview  [1 1 1]  of  the  unit  cell  of  (N(CH3)4]+[XeF5j-;  hydrogen  atoms  are  excluded. 


The  Pentafluoroxenate(IV)  Anion,  XeFs 
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Table  V.  Symmetry  Coordinates  and  Approximate  Mode 
Descriptions  for  a  Pentagonal  Planar  XY5  Molecule 


Si  -sHT  (Ar)  +  Ar2  +  At3  +  At4  +  Ar5) 

s*  --JTo"  -  a-!s7>] 


symmetric  stretch 


symmetric  out  of  plane 
(umbrella)  deformation 


(Ar,  +  cosa  (Ar2  +  Ar5)  +  cos2a  ( Ar3  +  Ar4)] 
Sjt,  -  (since  (Ar2  -  Ar5)  +  sin2a  ( Ar3  -  Ar4)] 

iAa!<  +  cosa  (Aa45  +  Aa23)  +  cos2a  ( Aae 
S4b  -\pf  (sina  (Aa45  -  Ao23)  +  sin2a  ( Aac  -  Aat2)] 


asymmetric  stretch 


AaQ)J 


asymmetric  in 
plane  deformation 


Sj,  (Ar,  +  cos2a  (Ar2  +  Ars)  +  cosa  (  Ar3  +  Ar4)J 
Sjb  (sin2a  (Ar2  +  Ar5)  +  sina  ( Ar3  +  Ar4)] 


asymmetric  stretch 


St*  4F  (Aa34  +  cos2a  (Aa^  +  Aa23)  +  cosa  ( Aa^  +  Aa^)) 
S6b  (sin2a  (Aa^  *  Aa23)  -  sina  ( Aag  -  Aa^)] 


\  SK.  in  plane  (scissor) 
— *  deformation 


Sji  ^jy=  «ari4  •  am)  +  iosia  M-feS  - ♦  atss  -  a&j) 
*  cosa  (Afjt  -  AY57  +  Ar«  -  Ai-,7)] 

S7b  •'J=5=  tSMa  -A'fcs7fl^7) 

-  sina  (A-ftc  -  A-7J7  -  AUm  -f  At<7)1 


asymmetric  out  of 
plane  deformation 


Table  VI.  G  Matrix' 

for  Pentagonal  Planar  XeF5~  of  Symmetry  Z>54 

A,' 

G„ 

= 

y„  =  5.2637  X  10'2 

a2" 

G22 

= 

(2/A)(ny  +  5fix)  =  4.4802  X  10'2 

E,' 

g» 

= 

fiy  +  5nJ2  =  7.1677  X  l<r2 

G34 

= 

5(5‘/2K/(4r  sin  a)  =  1.1123  X  KT2 

(l/F)(5 yy  sin2  2 a  +  yx)  =  2.4333  X  1(T2 

e2' 

= 

fly  =  5.2637  X  10'2 

G 56 

= 

0 

gm 

= 

(\/A)(4ny  sin2  a)  =  4.7026  X  10'2 

e2" 

G„ 

— 

2fiyjr1  =  2.5995  X  10'2 

“The  following  geometry  was  used  for  the  calculation  of  the  G  ma¬ 
trix:  r  =  2.0124  A  and  a  =  72°. 


had  not  previously  been  carried  out  for  such  a  species.  Force 
constants  were  calculated  by  the  Wilson  FG  matrix  method.44 
Figure  7  shows  our  choice  of  internal  coordinates  to  describe  the 
vibrations  of  such  a  molecule.  Two  imaginary  ligands,  E6  and 
E7,  have  been  placed  in  the  axial  positions  to  define  the  angles 
7,  required  for  the  definition  of  the  out-of-plane  deformation 
modes.  The  symmetry  coordinates  and  approximate  mode  de¬ 
scriptions  are  given  in  Table  V  and  are  derived  from  those  pre¬ 
viously  reported  for  the  IF7  molecule  after  correction  for  two 
apparent  typographical  errors.45  The  analytical  G  and  F  matrices, 
together  with  the  computed  numerical  values,  are  given  in  Tables 
VI  and  VII,  respectively.  The  correctness  of  our  G  matrix  was 
verified  by  an  independent  calculation  of  the  numerical  G  matrix 
by  using  a  computational  method  that  gave  identical  values. 

Vibrational  Assignments.  In  agreement  with  the  above  pre¬ 
dictions  for  XeF5"  of  symmetry  Dsk,  three  mutually  exclusive 
Raman  and  two  infrared  bands  were  observed  in  the  200-700-cirf 1 
region  expected  for  the  fundamental  vibrations.  The  N(CH3)4+ 
salt,  containing  the  largest  cation  and,  hence,  the  best  isolated 
XeFj'  anion,  shows  three  narrow  Raman  lines  at  502,  423,  and 
377  cm'1.  On  the  basis  of  their  relative  intensities  and  frequencies, 
which  are  similar  to  those  of  the  three  closely  related  Raman-active 
modes  of  octahedral  molecules,  the  502-,  423-,  and  377-cnT1  bands 
are  assigned  to  the  symmetric  stretch,  k,(A|'),  the  antisymmetric 
stretch,  ^(EjO.  and  the  symmetric  in-plane  deformation,  t>6(E2'), 
respectively.  The  rigorous  adherence  of  the  observed  Raman 
spectrum  to  the  vibrational  selection  rules  for  symmetry  Dsi  and 
the  failure  to  observe  further  splittings  of  the  vibrational  bands 
serve  to  underscore  that  the  vibrational  modes  of  the  XeFs~  anion 


(44)  Wilson,  E.  B.  J.  Chem.  Phys.  1941,  9,  76. 

(45)  Khanna,  R.  K.  J.  Mol.  Spectrosc.  1962,  8,  134. 


Table  VII.  F  Matrix  and  Force  Field  for  Pentagonal  Planar  XeFj"  of 
Symmetry  Dsk 


assign¬ 

ment 

freq, 

cm'1 

symmetry  force  constants* 

A,' 

"i 

502 

Fit  =fr  +  2/„  +  2f„'  =  2.820 

a2" 

274 

F22  =  F(fy  +  2fyy  cos  a  +  2fyy  cos  2a)  =  0.996 
F33  =ft  +  2 f„  cos  a  +  2 /„'  cos  2 a  =  1.830 

Fj4  =  r(fxa  +  2fJ  cos  a  +  2 fj'  cos  2a)  =  -0.342 

E,' 

"} 

465 

"4 

290 

Fu  =  F(fa  +  2 faa  cos  a  +  2fJ  cos  2a)  =  2.212 
Fsi  =  /,  +  2f„  cos  2a  +  2f„'  cos  a  =  2.003 

Fit  =  r(f,a  +  If, a'  cos  2a  +  2fra"  cos  a)  =  0 

Bj 

"S 

423 

"6 

377 

=  rV,,  +  2 faa  cos  2a  +  2 fj  cos  a)  =  1.797 

e2" 

"7 

79* 

F 77  =  F(fy  +  2/„  cos  2a  +  2 cos  a)  =0.143 

“Stretching  constants  in  mdyn/A,  deformation  constants  in  mdyn 
A/rad2,  and  stretch-bend  interaction  constants  in  mdyn/rad.  ‘Value 
taken  from  the  ab  initio  calculation. 


in  its  N(CH3)4+  salt  are  only  very  weakly  coupled.46  It  also 
justifies  the  use  of  the  assumed  free  anion  symmetry  in  the  sub¬ 
sequent  vibrational  analysis  and  force  field  calculations. 

In  the  salts  with  smaller  cations,  stronger  coupling  of  the  XeF5~ 
motions  or  slight  distortions  of  the  anions  can  occur,  resulting  in 
a  splitting  of  the  two  E2'  modes  into  their  doubly  degenerate 
components.  As  expected,  the  anion-cation  interaction  is  strongest 
for  the  NO+  salt,  causing  some  of  the  infrared-active  modes,  such 
as  k3(E,')  and  v4(E,'),  also  to  become  weakly  active  in  the  Raman 
spectrum. 

In  the  infrared  spectra  two  strong  anion  bands  were  observed 
above  250  cm"1.  The  first  one  was  a  very  intense  broad  band 
extending  from  400  to  550  cm-1,  which  must  be  due  to  the  an¬ 
tisymmetric  stretching  mode  ^(E/).  The  second  one  is  an  intense 
band  at  274  cm'1,  which,  on  the  basis  of  its  frequency  and  relative 
intensity,  must  be  the  symmetric  out-of-plane  (umbrella)  defor¬ 
mation,  k2(A2"). 

The  third  predicted  infrared-active  mode  is  the  antisymmetric 
in-plane  deformation,  i»4(E,/).  Assuming  the  Fu  and  Fu  symmetry 
force  constants  to  be  identical  (both  modes  involve  fa  and  different 
combinations  of  faa  and  with  the  latter  being  small  due  to 
the  large  mass  of  the  xenon  central  atom),  a  frequency  of  274 
cm'1  was  calculated  for  ^(E/)-  Therefore,  iqfE/),  which  should 
be  of  medium  infrared  intensity,  might  either  be  hidden  underneath 
the  intense  v2(A2")  band  at  274  cm-1  or  occur  just  below  the 
250-cnf1  cutoff  frequency  of  the  AgBr  windows  used  for  our  study. 
A  frequency  range  240-290  cm-1  for  ^(E/)  is  also  supported  by 
the  Raman  spectrum  of  NO+XeF5“  (see  Table  IV).  In  this 
compound,  where  the  anion-cation  interaction  is  the  strongest  and 
the  infrared-active  modes  become  also  weakly  Raman  active,  two 
weak  Raman  bands  were  observed  at  244  and  282  cm-1,  respec¬ 
tively.  Furthermore,  the  infrared  spectra  of  RbXeF5  and  CsXeF5 
exhibit  a  288-cnT1  shoulder  on  the  strong  275-cm-1  band,  and  the 
Raman  spectra  of  all  the  alkali-metal  XeF5~  salts  show  an  ex¬ 
tremely  weak  band  at  about  290  cm-1.  Consequently,  a  frequency 
of  290  cm'1  was  chosen  by  us  for  ^(E,')  and  used  for  the  force 
field  computations.  Our  choice  of  290  cm-1  for  is  also  supported 
by  ab  initio  calculations  for  XeF5'  (see  below)  and  IF7.47  As¬ 
suming  the  frequency  differences  between  calculated  and  observed 
frequencies  to  be  the  same  for  the  two  in-plane  deformation  modes 
in  XeFj',  a  value  of  291  cm'1  is  predicted  for  v4.  Similarly,  the 


(46)  A  factor-group  analysis  of  the  vibrational  modes  of  the  unit  cell  was 
carried  out  by  use  of  the  correlation  chart  method  (Carter,  R.  L.  J.  Chem. 
Educ.  1971, 48, 297  and  references  therein).  The  free  anion  symmetry  (Du) 
was  correlated  to  the  site  symmetry  of  the  anion  (C,),  which,  in  turn,  was 
correlated  to  the  crystal  symmetry  (£>2*)-  Assuming  complete  vibrational 
coupling  occurs  in  the  unit  cell  of  N(CH3)4','XeFj',  all  the  vibrational  modes 
of  the  XeFj"  anion  are  found  to  be  Raman-  and  infrared-active  under  the 
crystal  symmetry.  Moreover,  v3,  »>4,  v3,  pf,  and  p1  will  be  split  into  four  and 
three  components  in  their  Raman  (A,,  B„.  B*.  B]()  and  infrared  (Bla,  Bj., 
Bj.)  spectra,  respectively;  v,  will  be  split  into  two  components  in  both  the 
Raman  (A,,  BJf)  and  infrared  (B,„  Bj,)  spectra  and  v2  will  not  be  split  in  the 
infrared  (B3u)  but  will  be  split  into  two  components  in  the  Raman  (Blf,  Bj,) 
spectrum. 

(47)  Bartell,  L.  S.;  Rothman,  M.  3.;  Gavezzotti,  A.  J.  Chem.  Phys.  1982, 
76,  4136  and  references  cited  therein. 
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Figure  4.  II9Xe  NMR  spectrum  (139.05  MHz)  at  24  °C  of  a  saturated 
solution  of  N(CH3)4+XeF5"  in  CHjCN  containing  a  1  M  excess  of  N- 
(CH3)4+F. 

distance  in  N(CH3)4+HF2-  [3.313  (5)  A],7  which  appears  to  be 
at  the  limit  of  the  van  der  Waals  distance.  The  short  F2---C2 
distance  appears  to  account  for  the  greater  elongation  of  the 
thermal  ellipsoid  of  F2  (in  the  direction  of  the  Craxis  of  the  anion; 
Figure  2). 

Although  the  site  symmetry  of  the  XeF5~  anion  is  C„  the  five 
fluorines  are  clearly  equivalently  bonded  to  the  xenon,  giving  a 
pentagonal  planar  structure  of  Dih  symmetry.  The  average  F- 
Xe-F  angle  of  72.0  (4)°  is  essentially  the  ideal  angle  of  72°.  The 
average  Xe-F  bond  length  [2.012  (2)  A]  is  significantly  longer 
than  the  average  bond  length  of  XeF4  [1.953  (2)  A]37  and  the 
average  equatorial  bond  length  of  IF7  [1.858  (4)  A].3*  The 
nearest-neighbor  F---F  contacts  in  the  XeF5‘  anion  are  2.35-2.38 
A  and  are  substantially  less  than  twice  the  nominal  van  der  Waals 
radius  for  fluorine,  i.e.,  2.7035-2.8038  A,  indicating  that  the 
fluorines  of  the  pentagon  are  significantly  congested  and  are 
consistent  with  the  long  Xe-F  bond  length  in  XeF5*.  This  contrasts 
with  the  shorter  Xe-F  bond  length  of  XeF4,  where  the  fluorines 
in  the  plane  are  not  contacting,  and  the  intramolecular  F---F 
distances  (2.76  A)  are  at  the  limit  of  the  sum  of  the  fluorine  van 
der  Waals  radii.  The  short  I-F  bond  lengths  for  the  equatorial 
belt  of  five  fluorines  in  1F7  relative  to  the  Xe-F  bond  length  of 
XeF5'  may  be  attributed  to  relief  of  the  congestion  in  the  1FS  belt 
by  means  of  a  7.5°  puckering,  which  has  been  deduced  from 
electron  diffraction  studies38  but  not  corroborated  by  an  inde¬ 
pendent  study.  The  fact  that  XeFs"  does  not  relieve  its  steric 
congestion  by  a  puckering  distortion  may  be  attributed  to  the 
presence  of  the  two  axial  lone  pairs  of  electrons,  which  exert 
greater  repulsive  forces  than  the  two  axial  fluorines  in  the  IF7 
molecule,  thus  forcing  the  XeF5"  anion  to  be  planar.  Moreover, 
the  formal  negative  charge  on  XeFs-  leads  to  a  greater  Xe-F  bond 
polarity  and  elongation  of  the  Xe-F  bond,  as  is  evident  from  a 
comparison  with  the  Xe-F  bond  length  of  XeF4,  and  serves  to 
alleviate  some  of  the  steric  congestion  in  the  anion  plane. 

The  steric  crowding  in  the  XeF5-  molecular  plane  is  further 
illustrated  by  the  thermal  parameters,  which  remain  essentially 
unaltered  before  and  after  empirical  absorption  corrections.  It 
is  apparent  that  the  principal  axes  of  motion  of  the  fluorine  atoms 
in  XeF5'  and  XeF437  are  perpendicular  to  the  bond  directions, 
producing  the  anticipated  polar  flattening  of  the  thermal  ellipsoids 
in  the  Xe-F  bond  directions.  However,  the  thermal  ellipsoids  in 
XeF5"  are  elongated  in  the  direction  of  the  Cs-axis  and  flattened 
in  the  direction  perpendicular  to  the  Xe-F  bonds  in  the  molecular 
plane.  In  contrast  to  the  fluorine  thermal  ellipsoids  in  XeFs-,  those 
of  XeF4  are  essentially  isotropic  in  the  directions  perpendicular 
to  the  Xe-F  bonds  and  in  the  molecular  plane  where  the  fluorine 
atoms  are  apparently  not  contacting  one  another  to  any  significant 

(37)  Burns,  J.  H.;  Agron,  P.  A.;  Levy,  H.  A.  Science  1963,  139 ,  1208. 

(38)  Adams,  W.  J.;  Thompson,  H.  B.;  Bartell,  L.  S.  J.  Chem.  Phys.  1970, 
53,  4040. 
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Figure  5.  ”F  NMR  spectrum  (235.36  MHz)  at  24  °C  of  (a)  a  saturated 
solution  of  N(CH3)4+XeF5-  in  CHjCN  containing  a  1  M  excess  of  N- 
(CHj)4+P  and  (b)  a  saturated  solution  of  pure  N(CH3)4+XeF5-  in 
CH3CN.  Asterisks  (*)  denote  l29Xe  satellites. 

extent.  Steric  congestion  in  XeF5~  is  additionally  supported  by 
vibrational  force  constant  calculations  (see  below). 

>29Xe  and  19F  NMR  Spectra  of  the  XcF5“  Anion.  The  ,J9Xe 
NMR  spectrum  of  N(CH3)4+XeF5-  dissolved  in  CH3CN  con¬ 
taining  a  1  M  excess  of  N(CH3)4+P  at  24  °C  (Figure  4)  displays 
a  well-resolved  binomial  sextet  (Av,/2  =  15  Hz),  consistent  with 
the  coupling  of  the  ,29Xe  nucleus  to  five  chemically  equivalent 
l9F  nuclei  in  the  XeFs-  anion  [6(129Xe),  —527.0  ppm  from  XeOF4; 
'y(l29Xe-19F),  3400  Hz].  The  ,29Xe  chemical  shift  of  XeF5-  is 
significantly  more  shielded  (i.e.,  by  -843.9  ppm)  than  that  of  XeF4 
in  CH3CN  at  24  °C  [5(,29Xe),  316.9  ppm  from  XeOF4;  'J- 
(129Xe-'9F),  3895  Hz],  This  behavior  follows  the  expected  trend 
of  increased  shielding  that  accompanies  an  increase  in  negative 
charge.39  The  l9F  NMR  spectrum  of  a  similar  sample  at  24  °C 
(Figure  5a)  shows  a  narrow  singlet  (At>,/2~-  2.8  Hz)  flanked  by 
natural  abundance  (26.44%)  l29Xe  satellites  [5('9F),  38.1  ppm 
from  CFC13;  './(129Xe-,9F),  3398  Hz].  A  resonance  due  to  un¬ 
reacted  fluoride  was  observed  at  -75  ppm.  Interestingly,  the  19F 
chemical  shift  of  XeF5-  is  deshielded  by  56.8  ppm  with  respect 
to  that  of  XeF4  in  CH3CN  at  24  °C  [«(19F),  -18.7  ppm  from 
CFC13;  '/(l29Xe-l9F),  3896  Hz],  This  result  is  somewhat  sur¬ 
prising  in  view  of  the  increased  ionic  character  of  the  Xe-F  bonds 
(i.e.,  greater  bond  length  and  smaller  stretching  force  constant) 
compared  with  those  in  XeF4;  the  reason  for  this  is  not  clear  but 
may  be  related  to  the  congested  environment  of  the  fluorine  ligands 
and  the  rather  short  nearest-neighbor  F---F  contact  distance.  The 
,9F  NMR  spectrum  of  a  sample  prepared  from  equimolar 


(39)  Jameson,  C.  J.;  Mason,  J.  In  Multinuclear  NMR',  Mason,  J.,  Ed.; 
Plenum  Press:  New  York,  1987;  Chapter  3,  pp  66-68. 
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Figure  6.  (a)  Vibrational  spectra  of  solid  Cs+XeFs-.  Upper  trace,  in¬ 
frared  spectrum  recorded  at  room  temperature  with  an  AgBr  disk;  lower 
trace;  Raman  spectrum  recorded  in  a  glass  capillary  at  25  °C  with 
647.1-nm  excitation,  (b)  Single-crystal  Raman  spectrum  of  N- 
(CH3)4+XeF5-  recorded  in  a  glass  capillary  at  room  temperature  with 
514.5-nm  excitation. 

quantities  of  XeF4  and  N(CH3)4+P  in  CH3CN  showed  a  similar 
resonance,  with  accompanying  l29Xe  satellites,  at  38.1  ppm; 
however,  the  linewidth  was  significantly  broader,  At>,  n  —  53  Hz 
(Figure  5b).  This  indicates  that  XeF5-  undergoes  dissociative 
fluorine  exchange,  which  can  be  suppressed  by  the  presence  of 
excess  fluoride.  There  was  no  evidence  for  the  formation  of  XeF62- 
at  XeF4:N(CH3)4+P  ratios  exceeding  1:1,  thus  casting  further 
doubt  on  the  previous  claims13-15  for  the  existence  of  stable  salts 
of  the  XeF62-  anion. 

The  magnitude  of  the  one-bond  l29Xe-19F  coupling  constant 
drops  from  3895  Hz  in  XeF4  to  3400  Hz  in  XeF5-  under  the  same 
conditions  (i.e.,  solvent  and  temperature)  of  experimental  mea¬ 
surement.  If  it  is  assumed  that  the  Fermi-contact  mechanism 
provides  the  dominant  coupling  contribution,40  then  the  smaller 


(40)  (a)  Jameson,  C.  J.  In  Multinuctear  NMR;  Mason,  J.,  Ed.;  Plenum 
Press:  New  York,  1987;  Chapter  4,  pp  97-101;  Chapter  18.  (b)  Schrobilgen, 
G.  J.  In  NMR  and  the  Periodic  Table-,  Harris,  R.  K„  Mann,  B.  E.,  Eds.; 
Academic  Press:  New  York,  1978;  Chapter  14. 


Figure  7.  Internal  coordinates  for  pentagonal  planar  AXS. 

value  of  'y(129Xe-,9F)  in  XeFs-  is  in  accord  with  the  greater  ionic 
character  of  the  Xe-F  bonds  in  the  anion. 

In  the  VSEPR  notation,  XeF5-  is  a  seven-coordinate  AX3E2 
system,  and  is  the  first  example  of  this  geometry.41  The  solution 
structure  proposed  for  the  anion  that  is  consistent  with  five 
equivalent  fluorines  is  a  pentagonal  planar  (f)5*)  structure  having 
five  equivalent  equatorial  fluorines  and  two  axial  lone  pairs  of 
electrons.  The  dynamic  behavior  for  related  seven-coordinate 
geometries  is  well  established  in  the  cases  of  XeF6  and  IF7.  In 
contrast  to  IF7  and  XeFs-,  the  gas-phase  structure  of  XeF6  (AXjE) 
is  based  upon  a  distorted  octahedral  geometry42  in  which  the 
valence  electron  lone  pair  distorts  the  octahedral  geometry  to  Cj, 
by  occupying  triangular  faces  of  the  octahedron,  passing  among 
adjacent  faces  via  a  transition  state  having  intermediate  C,  and 
C*  geometries,  with  intramolecular  exchange  dynamics  that  are 
distinct  from  those  of  IF7.  The  dynamic  behavior  of  IF7  (AX7) 
is  also  well  documented;  on  the  basis  of  gas-phase  electron  dif¬ 
fraction  measurements  it  is  purported  to  have  a  puckered  ar¬ 
rangement  for  the  five  equatorial  fluorines38  in  the  gas  phase  and 
it  has  been  shown  by  ,9F  NMR  spectroscopy  that  axial  and 
equatorial  fluorine  environments  of  IF7  undergo  rapid  intramo¬ 
lecular  exchange  in  solution.43  The  single  fluorine  environment 
observed  in  the  NMR  spectra  of  XeF5-  could  also  be  accounted 
for  by  assuming  that  the  anion  is  fluxional.  The  VSEPR  rules 
postulate  that  the  valence  shell  lone  pairs  exert  larger  repulsive 
forces  on  adjacent  electron  pairs  than  do  bonding  pairs,  so  that, 
unlike  IF7,  the  transition  state  for  exchange  of  axial  lone  pair 
positions  with  equatorial  fluorine  positions  in  XeF5-  would  pre¬ 
sumably  give  rise  to  prohibitively  large  repulsive  energies  when 
a  lone  pair  or  lone  pairs  occupy  an  equatorial  position,  suggesting 
that  XeFs-  is  likely  to  be  rigid  in  solution. 

Vibrational  Spectra  and  Normal  Coordinate  Analysis  of  XeF5-. 
The  infrared  and  Raman  spectra  of  CsXeF5,  RbXeF5,  KXeF5, 
NaXeF5,  and  N(CH3)4XeF5  and  the  Raman  spectra  of  NOXeF5 
have  been  recorded.  The  observed  frequencies  and  their  assign¬ 
ments  are  summarized  in  Table  IV.  Figure  6  shows,  as  typical 
examples,  the  vibrational  spectra  of  CsXeFj  and  N(CH3)4XeF5. 

As  shown  above  by  the  NMR  data  and  the  crystal  structure 
determination,  the  XeF5-  anion  is  pentagonal  planar  and,  therefore, 
belongs  to  point  group  f>JA.  After  the  removal  of  translational 
and  rotational  degrees  of  freedom,  the  irreducible  representation 
of  the  molecule  is 

rvib  =  1A,'(R)  +  1A2"(IR)  +  2E,'(IR)  +  2E2'(R)  +  E2"(ia) 

Since  XeF5-  is  the  first  known  example  of  an  AX5  species  of 
symmetry  it  is  not  surprising  that  a  normal  coordinate  analysis 

(41)  Gillespie,  R.  J.  Molecular  Geometry,  Van  Nostrand  Reinhold  Co.: 
London,  1972. 

(42)  (a)  Bartell,  L.  S.;  Gavin,  R.  M.;  Thompson,  H.  B.  J.  Chem.  Phys. 
1965,  43,  2547.  (b)  Bartell,  L.  S.;  Gavin,  R.  M.  J.  Chem.  Phys.  1968,  48, 
2466. 

(43)  Gillespie,  R.  J.;  Quail,  J.  W.  Can.  J.  Chem.  1964,  42,  2671. 
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Table  VIII.  Internal  Force  Constants  (mdyn/A)  and  Bond  Length 
(A)  of  XeF5"  Compared  with  Those  of  XeF;,  XeF4,  and  1F4~ 


force  const 

XeFj* 

XeF4‘ 

1F4"‘ 

XeF5"c 

f, 

2.83 

3.055 

2.221 

2.096 

f„ 

0.14 

0.120 

0.183 

0.143 

fa 

0.007 

0.466 

0.219 

f.  (-/«.') 

0.20 

0.193 

0.182 

0.458 

/(-/O 

0.299 

0.257 

0.072 

f  -  f  ' 

0.045 

0.413 

/-/' 

0.093 

/-/ 

-0.021 

r 

1.98 

1.953 

2.012 

•  Data  from  ref  53.  ‘Data  from  ref  50.  The / values  in  ref  49  have 
not  been  properly  normalized  and  must  be  divided  by  two  to  corre¬ 
spond  to  the  values  from  this  work.  'This  work. 


transfer  of  the  computed  frequency  difference  of  102  cm"1  for  the 
two  in-plane  deformation  modes  from  IF7  to  XeF5"  results  in  a 
j<4  value  of  275  cm"1  for  XeF5". 

The  only  missing  fundamental  vibration  is  the  ring  puckering 
mode,  v7(E2"),  which  ideally  is  inactive  in  both  the  infrared  and 
Raman  spectra.  Since  no  experimental  frequency  is  available  for 
this  mode,  the  frequency  of  79  cm"1  obtained  by  the  ab  initio 
calculation  (see  below)  was  used. 

In  addition  to  the  fundamental  vibrations,  numerous  Raman 
bands  were  observed  in  the  low-frequency  region,  which  are  at¬ 
tributed  to  lattice  vibrations.  The  infrared  spectra  exhibit  some 
weak  bands  above  600  cm'1,  which  can  be  readily  assigned  to 
different  overtones  or  combination  bands  of  XeF5"  (see  Table  IV). 

In  NO+XeFs"  and  N(CH3)4+XeF5",  cation  bands  were  also 
observed  (see  Table  IV)  with  frequency  values  that  are  in  excellent 
agreement  with  previous  literature  data.4-5-7-48 

Force  Constants.  The  symmetry  force  constants  of  reF5"  are 
shown  in  Table  VII.  Except  for  the  E,'  and  E2'  blocks,  all  of  the 
symmetry  force  constants  are  one-dimensional  and  well  deter¬ 
mined.  In  the  two-dimensional  E2'  block,  equals  zero  (see 
Table  VI),  resulting  in  F56  also  becoming  zero.  Therefore,  the 
only  remaining  underdetermined  problem  is  the  two-dimensional 
E,'  block.  The  range  of  possible  solutions  for  this  block  was 
computed  by  using  the  extremal  conditions  reported  by  Sawodny.49 
It  has  previously  been  pointed  out49"52  that  in  weakly  coupled 
(heavy  central  atom)  systems  the  values  of  the  general  valence 
force  field  tend  to  fall  within  the  range  given  by  F34  =  0  as  the 
lower  and  FM  =  1/2|F34(max)  -  FM(min)|  as  the  upper  limit  with 
F^  =  min  being  an  excellent  choice.  The  latter  choice  results 
in  an  F33  value  of  1.830  mdyn/A  with  an  error  limit  of  about  0.14 
mdyn/A  and,  therefore,  F33  can  be  considered  to  be  reasonably 
well  determined. 

The  most  important  internal  force  constants  of  XeF5",  together 
with  the  known  bond  length,  are  given  in  Table  VIII  and  are 
compared  with  those  of  the  closely  related  XeF253  and  XeF4w 
molecules  and  the  IF4"  anion.50  As  can  be  seen  from  Table  VIII, 
the  force  constants  well  reflect  our  expectations.  Compared  with 
XeF2  and  XeF4,  the  increased  w’Xe-F*"  polarity  of  the  Xe-F  bond 
in  XeF5",  combined  with  the  crowding  effect  in  the  equatorial 
plane,  should  decrease  the  Xe-F  stretching  (/j. ),  increase  the 
in-plane  deformation  (fa),  and  decrease  the  out-of-plane  defor¬ 
mation  (fy)  force  constants.  Furthermore,  (faa  -/„„')  and  (fyy 
-/„')  should  exhibit  positive  signs  as  expected  for  adjacent  angles 
interacting  more  strongly  than  nonadjacent  angles.  The  excellent 
agreement  between  these  expectations  and  the  experimental  values 
from  Table  VIII  lends  strong  support  to  the  above  assignments 
for  XeFj". 


(48)  Christe,  K.  O.;  Wilson,  W.  W.;  Bougon,  R.  A.  Inorg.  Chem.  1986, 
25,  2163. 

(49)  Sawodny,  W.  J.  Mot.  Spectrosc.  1969,  30,  56. 

(50)  Christe,  K.  O.;  Naumann,  D.  Inorg.  Chem.  1973,  /  2,  59. 

(51)  Pfeiffer,  M.  J.  Mol.  Spectrosc.  1969,  21,  181. 

(52)  Thakur,  S.  N.;  Rai,  S.  N.  J.  Mol.  Struct.  1970,  5,  320. 

(53)  Siebert,  H.  Anwcndungen  der  Schwingungsspektroskopie  in  der 
Anorganischen  Chemie-,  Anorganische  und  Allgemeine  Chemie  in  Einzel- 
darstellung,  VII;  Springer  Verlag;  Berlin,  Germany,  1966. 


Table  IX.  Calculated  and  Experimental  Vibrational  Frequencies 
(cm"1)  of  XeF4  _ 


assignment 

calcd  freq 

obsd  freq" 

approx  mode  descriptn 

Alg  "i 

532 

543 

r,ym  (in  phase) 

Aj„  l>2 

271 

291 

6.ym  (out  of  plane) 

Blg  "3 

498 

502 

K.ym  (out  of  phase) 

B2g  v4 

182 

235 

5,)m  (in  plane) 

B2„  V5 

156 

inactive 

Suya  (°ut  of  Plane) 

»6 

591 

586 

‘'tiyin 

Eu  r7 

143 

123 

iuym  (in  Plane> 

“Data  from  ref  55. 


Table  X.  Calculated  and  Experimental  Vibrational  Frequencies 
(cm"1)  for  XeFs"  _ _ 


calcd  freq  0bsd  approx 


assignment 

a 

b 

c 

freq 

mode  descriptn 

A,'  v, 

467 

537 

551 

502 

».ym  (in  plane) 

Aj"  I>2 

270 

274 

275 

274 

<5,ym  (out  of  plane) 

E,'  *3 

502 

574 

585 

400-550 

^asym 

E,'*4 

248 

255 

254 

290 

6„ym  (in  plane) 

E ' 

413 

477 

489 

423 

^aiym 

Ej'vj 

335 

356 

361 

377 

<*,ym  (in  plane) 

E2"  »7 

79 

21 

28i 

i„ym  (°ut  of  Plan=) 

“With  the  calculated  Xe-F  bond  length  of  2.077  A.  ‘With  an  as¬ 
sumed  Xe-F  bond  length  of  2.022  A.  'With  the  observed  Xe-F  bond 
length  of  2.012  A. 


The  data  in  Table  VIII  demonstrate  that  the  stretching  force 
constants  /r  are  mainly  influenced  by  the  polarity  of  the  Xe-F 
bonds,  with  increasing  polarity  decreasing  the  force  constant.  On 
the  other  hand,  steric  crowding  has  a  strong  impact  on  the  de¬ 
formation  constants.  If  this  crowding  is  anisotropic,  as  in  the  case 
of  XeFs"  where  the  crowding  is  concentrated  in  the  equatorial 
plane,  the  deformation  constants  in  the  congested  plane  increase 
while  the  deformation  constants  out  of  the  congested  plane  de¬ 
crease  significantly.  The  low  value  of  the  out-of-plane  deformation 
constant fy,  in  combination  with  a  comparable/^  value,  implies 
a  low  energy  barrier  toward  puckering  of  the  equatorial  plane. 
When  the  fy  value  approaches  zero  or  becomes  negative,  spon¬ 
taneous  puckering  should  occur. 

Computational  Results.  For  a  better  understanding  of  the 
molecular  structure  of  XeF5",  local  density  functional  calculations 
were  carried  out  for  this  ion  and  for  XeF4.  The  quality  of  these 
calculations  for  relatively  large  and  heavy  molecules  was  first  tested 
for  the  well-characterized54,S5  and  closely  related  XeF4  molecule. 
The  well-known  square-planar  (Z)4*)  symmetry  and  a  Xe-F  bond 
length  of  1.998  A  (0.045  A  longer  than  that  observed  for  the 
solid54)  were  obtained.  The  calculated  vibrational  frequencies  are 
in  excellent  agreement  with  the  experimental  values55  (Table  IX), 
except  for  the  in-plane  deformation  modes,  where  the  agreement 
is  only  fair. 

For  XeF5",  the  computations  confirmed  that  the  pentagonal 
planar  Dih  structure  is  indeed  a  minimum.  Again,  the  computed 
bond  length  (2.077  A)  is  slightly  longer  (0.065  A)  than  the  ob¬ 
served  one  (2.012  A).  A  comparison  between  the  observed  and 
calculated  spectra  is  given  in  Table  X.  As  for  XeF4,  the 
agreement  between  computed  and  observed  frequencies  for  XeF5" 
is  quite  good,  with  the  largest  discrepancies  again  being  found 
for  the  in-plane  deformation  modes.  These  results  confirm  the 
assignments  made  above  for  XeFs". 

The  influence  of  the  bond  length  on  the  vibrational  spectrum 
of  XeF5"  was  also  examined  by  computing  the  spectra  for  two 
shorter  Xe-F  bond  distances,  one  at  the  experimental  bond  length 
and  one  0.01  A  longer  (Table  X).  As  expected,  the  stretching 
frequencies  are  the  most  sensitive  to  changes  in  the  bond  length 
except  for  the  equatorial  ring  puckering  mode,  v7,  which  is  also 


(54)  Bums,  J.  H.;  Agron,  P.  A.;  Levy,  H.  A.  Science  1963,  139,  1208. 
Templeton,  D.  H.;  Zalkin,  A.;  Forrester,  J.  D.;  Williamson,  S.  M.  J.  Am. 
Chem.  Soc.  1963,  85,  242.  Ibers,  J.  A.;  Hamilton,  W.  C.  Science  1963, 139, 
106. 

(55)  Claassen,  H.  H.;  Chemick,  C.  L.;  Malm,  J.  G.  J.  Am.  Chem.  Soc. 
1963,  85,  1927. 
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Table  XI.  Valence  Molecular  Orbitals  for  XeF5" 


symmetry 

orbital" 

energy,  eV 

A/ 

p y  anti  on  F 

3.00 

A/' 

p,  anti  0.67  Xe,  0.40  F 

3.15 

E/ 

py  on  F 

3.71 

A/ 

0.43  pz  on  F,  0.57  s  on  Xe,  anti 

4.00 

E2" 

p,  on  F 

4.06 

E 

Pj  on  F  some  Xe  d 

4.69 

e/ 

p„  on  F 

4.78 

E/ 

Pxj.  on  F 

5.72 

A  {' 

0.77  pz  Xe,  0.21  p,  F 

7.38 

E/ 

0.56  pz,  py  Xe,  0.40  p,  on  F 

9.01 

A/ 

0.89  Xe  s 

16.02 

‘x  =  Xe-F  bond  axis,  y  =  orthogonal  to  Xe-F  axis  in  plane,  z  = 
orthogonal  to  Xe-F  axis  out  of  plane. 


very  sensitive  to  shortening  of  the  bond  length.  At  the  experi¬ 
mental  distance,  the  degenerate  deformation  frequency  becomes 
imaginary,  showing  that  the  molecule  would  assume  a  nonplanar 
structure.  As  discussed  above,  increasing  congestion  in  the 
equatorial  ring  will  result  in  spontaneous  puckering  and  an  im¬ 
aginary  frequency  for  v1.  The  calculations  at  the  experimental 
geometry  are  far  enough  from  the  theoretical  minimum  that  the 
calculated  frequencies  should  be  employed  only  to  show  the  ex¬ 
pected  trends,  as  they  do  not  refer  to  the  minimum  energy 
structure.  The  data  in  Table  X  also  indicate  that  the  frequency 
order  of  the  Xe-F  stretching  modes  is  essentially  independent  of 
the  Xe-F  bond  length.  It  should  be  noted  that  all  the  calculated 
frequencies  are  harmonic  values  and  were  not  scaled  to  include 
anharmonicity  effects,  which  are  usually  on  the  order  of  5%. 

The  Mulliken  charges  for  XeF3"  are  +l,48e  for  the  Xe  atom 
and  -0.50e  for  the  F  atoms.  This  differs  from  the  nominal  as¬ 
signments  of  -1 .0e  for  each  F  and  +4.0e  for  the  Xe.  The  mo¬ 
lecular  orbitals  (Table  XI)  provide  some  insight  into  the  bonding 
in  this  molecule.  If  we  consider  only  the  valence  p  orbitals  on 
F  since  the  2s  orbitals  are  quite  low  in  energy,  the  remaining 
orbitals  can  be  qualitatively  summed  up  as  follows:  There  are 
10  electrons  in  the  2P,  lone  pairs  on  F  orthogonal  to  the  Xe-F 
bond.  There  are  roughly  10  electrons  in  the  2pz  orbitals  on  F, 
which  are  orthogonal  to  the  molecular  plane.  The  totally  sym¬ 
metric  group  of  these  orbitals  interacts  with  the  out-of-plane  5p 
orbital  on  Xe  in  a  symmetric  and  antisymmetric  way.  The  2px 
orbitals  on  fluorine  along  the  Xe-F  bond  have  about  lOe  in  them. 
These  mix  with  the  5px  and  5p>  orbitals  on  Xe.  Although  the  Xe 
5s  orbital  does  mix  to  some  extent  with  the  2p  orbitals  on  F,  it 
is  predominantly  a  lone  pair.  The  basic  description  is  thus  a  Xe 
with  a  5s25pz2  occupancy  surrounded  by  five  F~  atoms.  Delo¬ 
calization  of  fluorine  electron  density  into  the  Xe  5px>>f  orbitals 
with  only  a  small  participation  of  the  d  orbitals  on  Xe  then  reduces 
the  charges  on  the  F  atoms.  The  HOMO  is  the  antibonding 
combination  of  the  in-plane  lone  pairs  on  the  F  atom  orthogonal 
to  the  Xe-F  axis.  The  NHOMO  is  almost  degenerate  in  energy 
with  the  HOMO  and  is  the  antibonding  out-of-plane  combination 
of  the  F  2pz  and  the  Xe  5pz  orbitals  (Figure  8). 

Both  the  orbitals  and  the  bonding  in  XeFj'  are  quite  similar 
to  those  of  XeF4,  which  were  calculated  for  comparison.  In  XeF4, 
the  Mulliken  charges  on  Xe  and  F  are  +1.65e  and  -0.4  le,  re¬ 
spectively.  The  Xe  5s  orbital  participates  in  two  orbitals,  with 
most  of  its  density  in  the  orbital  at  22.02  eV  just  as  in  XeF5~.  The 
5pz  orbital  of  Xe  and  the  out-of-plane  2pz  orbitals  on  the  fluorines 
interact  to  give  bonding  and  antibonding  molecular  orbitals.  The 
orbital  configuration  at  Xe  is  thus  dominated  by  the  5s25pz2 
configuration  just  as  in  the  anion.  The  HOMO  in  XeF4  is  at  9. 1 5 
eV  and  is  the  Sp^  antibonding  orbital  as  found  in  XeF5".  Its 
significantly  higher  value,  compared  with  that  of  XeF3~,  is  in 
agreement  with  our  expectations  for  an  anion  and  its  parent 
molecule. 

It  is  important  to  note  that  the  calculations  provide  a  molecular 
orbital  description  of  the  bonding  in  XeF3~  and  XeF4.  The  orbitals 
reported  above  are  the  canonical  orbitals  with  molecular  symmetry. 
Because  of  the  molecular  symmetry,  the  5s  and  5pz  orbitals  cannot 
mix  and  thus  give  separate  s2  and  p2  occupancies.  In  contrast. 


a/  (bonding)  NHOMO  a,"  (antibonding) 

Figure  8.  Selected  molecular  orbitals  for  XeFs'.  (a)  HOMO,  anti¬ 
bonding  combination  of  in-plane  p/s  on  F;  (b)  bonding  out-of-plane 
orbital  combination  between  Xe  5p,  and  p/s  on  F;  (c)  antibonding  out- 
of-plane  orbital  combination  between  Xe  5pz  and  p/s  on  F. 


in  the  VSEPR  model  used  elsewhere  in  this  work,  the  valence 
electron  lone  pairs  may  be  described  as  two  doubly  occupied  sp 
hybrids  above  and  below  the  plane,  but  this  is  not  required  by  the 
VSEPR  model.  The  two  models  are  equivalent,  as  the  VSEPR 
model  is  derived  from  a  localized  orbital  approach,  whereas  the 
calculations  are  based  on  a  molecular  orbital  approach.  The  sum 
and  difference  of  the  5s2  and  5pz2  orbitals  will  lead  to  the  two  sp 
hybrid  lone  pairs.  However,  the  total  electron  density,  which  is 
the  invariant  quantity,  is  independent  of  the  choice  of  models  used 
to  describe  it.  (In  a  formal  sense,  the  wave  function  is  invariant 
to  a  unitary  transformation.) 

Conclusions 

Xenon  tetrafluoride  indeed  forms  stable  adducts  with  strong 
Lewis  bases,  such  as  tetramethylammonium  fluoride  and  the 
heavier  alkali-metal  fluorides.  However,  contrary  to  previous 
reports,1-5"15  these  salts  do  not  contain  the  XeF62"  dianion,  but  the 
XeF5"  anion. 

The  XeF3~  anion  has  a  highly  unusual  pentagonal  planar 
structure  for  which  no  other  examples  were  previously  known.  It 
can  be  derived  from  that  of  a  pentagonal  bipyramid,  such  as  IF7,38 
in  which  the  two  axial  fluorine  ligands  have  been  replaced  by  two 
sterically  active  free  valence  electron  pairs.  Compared  with  IF7, 

..  F 


I 

F 


which  is  a  fluxional  molecule  undergoing  with  relative  ease  a 
dynamic  ring-puckering  pseudorotation,38  47  the  equatorial  XeF5 
plane  of  XeFs"  appears  to  be  considerably  more  rigid.  The  in¬ 
creased  rigidity  of  the  XF5  plane  in  XeF3"  is  attributed  to  the 
stabilizing  effect  of  the  two  free  valence  electron  pairs  on  xenon. 
These  free  pairs  are  more  diffuse  and  hence  more  repulsive  than 
the  axial  I-F  bond  pairs  in  IF7,  thereby  offering  more  resistance 
toward  the  puckering  of  the  equatorial  XeFj  plane. 
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X-ray  Crystal  Structure  and  Raman  Spectrum  of  Tribromine(1  +) 
Hexafluoroarsenate(V),  Br3+AsF6",  and  Raman  Spectrum  of 
Pentabromine(1 +)  Hexafluoroarsenate(V),  Brs+AsF6~ 
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Dedicated  to  Professor  Josef  Goubeau  in  memoriam1) 


Abstract.  A  single  crystal  of  Br3+AsF6~  was  isolated  from  a  sample  of  BrF2+AsF6_  which  had 
been  stored  for  20  years.  It  was  characterized  by  x-ray  diffraction  and  Raman  spectroscopy.  It  is 
shown  that  Br3~AsF6~  (triclinic,  a  =  7.044(7)  A,  b  =  5.041(6)  A,  c  =  9.810(9)  A,  s  =  99.16(8)°, 
p  =  8G.61(6)°,  y  =  100.11(7)°,  space  group  Pi  R(F)  =  0.0008)  is  isomorphous  with  I3+AsF6~.  The 
structure  consists  of  discrete  Br3~  and  AsF6~  ions  with  some  cation-anion  interaction  causing  dis¬ 
tortion  of  the  AsF6_  octahedron.  The  Br3+  cation  is  symmetric  with  a  bond  distance  of  2.270(5)  A 
and  a  bond  angle  of  102.5(2)°.  The  three  fundamental  vibrations  of  Br3+  were  observed  at  297  (v3), 
293  (rx),  and  124  cm-1  (t\>).  The  Raman  spectra  of  CI3+AsF6“  and  I3+AsF6-  were  reinvestigated  and 
t’jfBi)  of  I3~  was  reassigned.  Genera!  valence  force  fields  arc  given  for  the  series  Cl3+,  Br3+,  and  l3+. 
Reactions  of  excess  Br,  with  either  BrF2J'AsF6~  or  02+AsF6~  produce  mixtures  of  Br3+AsF6~  and 
Br5~AsF6_.  Based  on  its  Raman  spectra,  the  Br5+  cation  possesses  a  planar,  centrosymmetric  struc¬ 
ture  of  C.,h  svmmetry  with  three  semi-ionically  bound,  collinear,  central  Br  atoms  and  two  more 
covalently,  perpendicularly  bound,  terminal  Br  atoms. 

Kristallstruktur  und  Raman -Spekfrum  von  Tribroin(l-f)  Hexafluoroarsenat(V), 

Br3+ AsF6~,  und  Raman  -Spektrum  von  Pcntabrom(l+)  Hexafluoroarsenat(V), 
Br5+AsF«- 

Inhaltsiibersicht.  Em  Einkristall  von  Br3+AsF6_,  gebildet  wahrend  20jahriger  Aufbewahrung 
ehier  BrF2+AsF6~  Probe,  wurde  Lsobert  und  mittels  Rontgenstrukturanalyse  und  Raman-Spektren 
charakterisiert.  Es  wird  gezeigt,  da(3  Br3+AsF6_  (triklin,  a  =  7,644(7)  A,  b  =  5, 641(G)  A,  c  = 
9,810(9)  A,  o.  =  99,16(8)°,  p  =  86,61(6)°,  y  —  100,11(7)°,  Raumgruppe  Pi,  R(F)  =  0,0608)  isomorph 
mit  I3+AsF6~  ist.  Die  Struktur  besteht  aus  diskreten  Br3+-  und  AsF6_-Ionen  mit  schwachen  Anion- 
Kation-Wechselwirkungen,  die  in  einer  Verzerrung  der  AsF6~-Oktaeder  resultieren.  Das  Br3+-Kation 
ist  symmetrisch  mit  einem  Bindungsabstand  von  2,270(5)  A  und  einem  Bindungswinkel  von  102,5(2)°. 
Die  drei  Grundschwingungen  von  Br3+  wurden  bei  297  (v3),  293  (vx)  und  124  cm-1  (v2)  gefunden. 
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on  his  professional  and  personal  career.  Prof.  Goubeau  has  given  him  much  more  than  a  solid  che¬ 
mical  education,  he  has  instilled  in  him  an  everlasting  love  and  enjoyment  of  chemistry. 
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Raman-Spektrcn  von  CI3+AsF6_* und  I3+AsF6“  warden  neu  aufgenommen,  and  ^(B,)  von  I3+  wurde 
neu  zugeordnet.  Allgemeine  Valenzkraftkonstanten  wurden  fiir  die  Reihe  Cl3+,  Br3+  und  I3+  berech- 
net.  Umsetzungen  von  iiberschussigem  Brom  mit  BrF2+AsF6~  oder  02+AsF6~  resultieren  in  einem 
Gemisch  von  Br3+AsF6_  und  Brs+AsF6  .  Auf  Grand  der  beobachteten  Raman  Spektren  besitzt  das 
Brs+-Kation  eine  planare,  zentrosymmctrische  C.>h  Struktur  mit  drei  lialb-ioniseh  gebundenen,  kol- 
linearen,  zentralen  Bromatomen  und  zwei  mchr  kovalent  und  rechtwinklig  gebundenen,  endstandigen 
Bromatomen. 

Introduction 

Homopolyatomic  halogen  cations  are  of  considerable  interest  [1  —  3]  because 
of  their  simplicity.  They  contain  only  one  kind  of  atom  and,  contrary  to  transition 
metal  cluster  compounds,  the  absence  of  ligands  simplifies  the  bonding  aspects. 
Whereas  numerous  polyatomic  iodine  cations  are  known  and  I2+  [4,  5],  I3+  [6], 

[7],  Ils3+  [8],  and  I42+  [9]  salts  have  been  well  characterized,  much  less  is 
known  about  the  lighter  halogen  polycations. 

For  bromine,  the  Br2+  cation  has  been  well  characterized  in  the  form  of  its 
Sb3F16-  salt  [10, 11]  and  in  superacid  solutions  [5, 12],  but  forBr3+  no  structural 
data  and  only  incomplete  vibrational  spectra  [12—17]  had  previously  been  given. 
Furthermore,  some  of  the  vibrational  frequencies  attributed  to  Br3+  [17]  are  in¬ 
consistent  with  those  observed  for  isoelectronic  SeBr2  [18]  and  the  I3+  [1]  and 
Cl3+  [19]  cations.  The  only  evidence  for  the  existence  of  a  polybromine  cation 
containing  more  than  three  bromine  atoms  was  obtained  [14]  when 
Br3+[Au(S03F)4]-  was  reacted  with  excess  Br2  at  70°C  resulting  in  a  solid  of  the 
composition  Br5[Au(S03F)4].  Raman  bands  at  304,  295,  267,  and  205  cm-1  were 
tentatively  attributed  [14]  to  the  cation  in  this  compound  but  are  not  consistent 
with  our  predictions  for  a  centrosymmetric  Hals+  cation  of  C2h  symmetry  (see 
below) . 

For  chlorine,  the  only  known  polychlorine  cation  containing  salt  is  013+AsF6~ 
which  is  unstable  and  was  characterized  by  its  low-temperature  Raman  spectrum 
[19].  The  Cl2+  ion  has  been  observed  only  in  the  gas  phase  at  very  low  pressures 
[20,  21].  A  claim  for  the  observation  of  Cl2+  by  ESR  spectroscopy  in  superacid 
solutions  [22]  has  subsequently  been  disputed  [2,  19,  23,  24]. 

In  view  of  the  scant  information  available  on  the  lighter  halogen  homopoly¬ 
atomic  cations  and  the  accidental  isolation  of  some  deeply  colored  single  crystals 
from  a  BrF2;  AsF6_  sample,  we  have  undertaken  a  study  of  the  bromine  homo- 
polyatomic  cations. 

Experimental 

Materials  and  Apparatus 

Literature  methods  were  used  for  the  syntheses  of  BrF2'i‘AsF6-  [25]  and  02+AsF6~  [26].  The 
Br2  and  HF  were  dried  by  storage  over  P205  and  BiFs  [27],  respectively.  Reactions  involving  Br2  were 
carried  out  using  a  flamed  out  Pyrex-glass  vacuum  line  equipped  with  grease-free  Teflon  stopcocks. 
Anhydrous  HF  was  handled  in  a  stainless  steel-Teflon  FEP  vacuum  line  [28].  Nonvolatile  materials 
were  handled  in  the  dry  nitrogen  atmosphere  of  a  glove  box.  Raman  spectra  were  recorded  on  a 
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Spex  Model  1403  spectrophotometer  using  either  the  G47.1-nm  exciting  line  of  a  Kr  ion  laser  or  the 
514.5-nm  line  of  an  Ar  ion  laser  and  a  previously  described  [29]  device  for  obtaining  the  low-tempera¬ 
ture  spectra.  The  I9F  NMR  spectra  were  recorded  at  84.G  MHz  on  a  VarLm  Modell  EM  390  spectro¬ 
meter.  .■ 

Reaction  of  BrF2+AsF6~  with  Br2 

A  flamed  out  100  ml  Pyrex  flask  equipped  with  a  Teflon  stopcock  was  loaded  in  the  dry  box  with 
BrF2+AsF6-  (3.94  mmol).  On  the  vacuum  line,  dry  Br2  (13.49  mmol)  was  added  at  — 196°C  and  the 
resulting  mixture  was  kept  at  25  °C  for  2  hr.  The  flask  was  cooled  to  0°C  and  volatile  products  were 
pumped  off  at  0°C  for  30  min.  The  chocolate  brown  solid  residue  in  the  flask  weighed  2 164  mg  (weight 
calculated  for  3.94  mmol  of  Br3+AsF6_  =  1846  mg  and  3.94  mmol  of  Br5+AsF6~  =  2476  mg).  The 
brown  solid  slowly  gave  off  bromine  vapors  on  standing  at  room  temperature.  Pumping  on  the  solid  at 
room  temperature  for  35  min  reduced  the  weight  to  1427  mg.  The  resulting  residue  still  had  some 
dissociation  pressure  at  ambient  temperature  as  evidenced  by  the  slow  evolution  of  Br2  vapors  above 
the  solid.  Low-temperature  Raman  spectroscopy  showed  this  residue  to  be  mainly  Br3~AsF6~  with 
some  Br5+AsF6_  as  a  by-product. 

Reaction  of  02+AsF6~  with  Br2 

02+AsF6~  (5.15  mmol)  and  Br2  (13.54  mmol)  were  combined  at  — 196  °C  in  a  100  ml  Pyrex  flask. 
The  mixture  was  warmed  to  25  °C  for  2  hr,  then  cooled  back  to  — 196  °C.  The  evolved  oxygen  (5.14 
mmol)  was  pumped  off  at  — 196 °C  and  excess  Br2  was  pumped  off  at  0°C  for  10  min.  The  resulting 
brown  residue  (1871  mg,  weight  calculated  for  5.15  mmol  of  Br3+AsF6_  =  2414  mg)  was  somewhat 
inhomogeneous  showing  smaller  patches  of  material  ranging  in  color  from  carmine  red  to  greyish- 
green.  Again  some  Br2  vapor  evolved  above  the  solid  on  standing  at  room  temperature.  Low-tem¬ 
perature  Raman  spectra  of  the  solid  taken  from  different  patches  showed  mainly  Br5~AsF6~  with 
varying  amounts  of  Br3+AsF6~  as  a  by-product. 

Crystal  Structure  Determination  of  Br3+AsF6_ 

During  20  years  of  storage  of  a  symple  of  BrF2+AsF6~  at  room  temperature  in  a  Teflon  tube 
closed  by  a  stainless  steel  fitting  several  single  crystals  of  Br3-AsF6~  had  formed.  Due  to  their  great 
difference  in  color,  BrF2+AsF6~  is  colorless  and  Br3+AsF6~  is  dark  brown,  the  crystals  were  easily 
separated  in  the  dry  box.  The  diffraction  data  were  collected  at  room  temperature,  using  a  Siemens/ 
Nicolet/Syntex  P22  diffractometer  with  MoK»  radiation  up  to  a  20  limit  of  55  deg.  1538  intensity 


Table  1  Summary  of  Crystal  Data  and  Refinement  Results  for  [Br3]+[AsF6]~ 


space  group 

Pi 

absorption  coefficient  (/<:  mm-1) 

18.6 

a  (A) 

7.G44(7) 

max.  &  min.  transmission  factors 

0.55—1.66 

b  (A) 

5.641(6) 

(scaled  to  an  average  of  unity) 

C  (A) 

9.810(9) 

crystal  dimensions  (mm) 

0.64x0.34x0.33 

<*  (deg) 

99.16(8) 

calculated  density  (g  cm-3) 

3.47 

P  (deg) 

86.61(6) 

wavelength  (A)  used  for  data  collection 

0.71069 

V  (deg) 

100.11(7) 

sin  0/1  limit  (A-1) 

0.6497 

v  (A3) 

411.3(7) 

total  number  of  reflections  measured 

1538 

molecules/unit  cell 

2 

number  of  independent  reflections 

1387 

formula  weight  (g) 

384.0 

number  of  reflections  used  in 

structural  analysis  1  >  3cr(I) 

538 

number  of  variable  parameters 

91 

final  agreement  factors 

R(F)  =  0.0608 

R(wF)  =  0.0608 

K.  0.  Christe  et  al.,  Br3+AsF6  and  Br5+AsF6 
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values  for  an  entire  reflection  sphere  were  collected  and  the  two  equivalent  hemispheres  merged  to 
give  a  total  of  546  unique  reflections.  The  R  factor  for  averaging  was  2.3%.  The  positions  of  the  As 
and  three  Br  atoms  were  obtained  by  direct  methods  using  the  computing  package  SHELX-8G  [30a]. 
The  rest  of  the  atoms  were  then  located  from  a  difference- Fourier  map,  and  the  entire  structure  was 
anisotropically  refined  by  SHELX-7G  [30b]  to  a  final  agreement  factor  of  R  =  G.08%,  using 
538  reflections  with  1  >  3<r(L).  At  that  point  it  was  realized  that  the  unit  cell  parameters  were  vir¬ 
tually  identical  to  those  of  [I3]+[AsF6]~  [G],  and  the  coordinates  were  then  transformed  accordingly, 
to  be  consistent  with  those  reported  for  the  [I3]+  analog.  Crystal  data  and  refinement  results  are 
summarized  in  Table  1,  the  final  atomic  coordinates  and  temperatures  factors  are  given  in  Table  2, 
and  the  bond  distances  and  angles  are  given  in  Table  3. 


Table  2  Final  Atomic  Coordinates  and  Temperature  Factors  for  [Bi 

rdTAsF,]- 

Atom  x  y  z 

Uu  X 103  U22  x  103  U33  x  103  UX2  x  103 

U13xl03 

U23  x  103 

As  0.7857(5)  0.5650(8)  0.7972(4) 

46(2)  64(3) 

32(2) 

19(2) 

-3(2) 

0(2) 

Brl  0.8030(5)  0.8212(8)  0.2097(3] 

56(2)  79(3) 

30(2) 

20(2) 

2(2) 

5(2) 

Br2  0.6162(5)  1.0790(8)  0.1780(4) 

58(3)  85(3) 

57(3) 

20(2) 

-10(2) 

5(2) 

Br3  0.7695(6)  0.8069(9)  0.4394(4) 

68(3)  108(4) 

32(2) 

26(2) 

0(2) 

3(2) 

FI  0.7800(33)  0.7883(45)  0.7066(20)  133(21)  105(20) 

32(11) 

43(17) 

-5(12) 

-7(12) 

F2  0.8702(32)  0.7820(47)  0.9273(21)  106(18)  102(20) 

39(12) 

-12(15) 

-6(12) 

-15(13) 

F3  0.9991(34)  0.5559(62)  0.7415(36) 

74(18)  172(32) 

184(31) 

52(19) 

52(19) 

-12(24) 

F4  0.5759(26)  0.5799(60)  0.8601(32) 

32(13)  184(30) 

169(28) 

42(16) 

14(15) 

59(23) 

F5  0.7054(37)  0.3490(52)  0.6663(25)  145(24)  117(24) 

71(18) 

-23(20) 

-37(17) 

-38(17) 

F6  0.7957(36)  0.3498(56)  0.8913(32)  111(22)  112(24) 

147(27) 

17(19) 

-16(20) 

8(21) 

Table  3  Bond  Distances  (A)  and  Angles  (deg)  for  [Br3]+[AsF6] 

As— FI  1.660(23) 

FI— As— F2 

87.4(12) 

FI— As— F3 

89.9(15) 

As— F2  1.693(22) 

F2— As— F3 

86.6(14) 

FI— As— F4 

91.0(13) 

As— F3  1.696(22) 

F2— As— F4 

90.9(15) 

F3— As— F4 

177.4(17) 

As— F4  1.695(20) 

FI— As— F5 

92.4(13) 

F2— As— F5 

178.9(13) 

As— F5  1.686(22) 

F3— As— F5 

92.3(15) 

F4— As— F5 

90.2(15) 

As— F6  1.652(31) 

FI— As— F6 

178.0(14) 

F2— As— F6 

90.6(14) 

Brl  — Br2  2.275(5) 

F3— As— F6 

89.6(16) 

F4— As— F6 

89.5(14) 

Brl— Br3  2.266(5) 

F5— As— F6 

89.5(15) 

Br2— Brl— Br3 

102.5(2) 

Results  and  Discussion 

Synthesis  of  Br3+AsF6_ 

Single  crystals  of  Br3+AsF6“ 

were  obtained  from 

a  sample  of  BrF2+AsF6“ 

which  had  been  stored  for  20  years  at  room  temperature  in  a  Teflon-stainless 
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steel  container.  Its  formation  can  be  explained  by  the  reduction  of  a  small  amount 
of  BrF2+  to  Br2  by  the  container  material  and  a  subsequent  reaction  of  Br2  with 
BrF2+  according  to : 

BrF,+AsF0-  +  2  Br.  -  Br+AsF,-  +  2  BrF.  (1) 

The  BrF  is  thermally  unstable  and  disproportionates  readily  [31]  to  BrF3  and  Br2. 
with  the  BrF3  most  likely  being  reduced  by  the  container  material  to  additional 
Br2,  and  the  Br2  being  consumed  according  to  (1). 

To  verify  reaction  (1)  and  to  obtain  larger  amounts  of  Br3+AsF6~,  a  sample 
of  BrF2+AsF6_  was  treated  at  room  temperature  with  an  excess  of  Br2.  The  color¬ 
less  BrF2+AsF6_  was  rapidly  converted  to  a  dark  brown  solid.  After  pumping 
off  the  unreacted  Br2  at  0°C,  this  brown  solid  consisted  of  a  mixture  of  Br3+AsF6~ 
and  Br5+AsF6_  (see  below).  Attempts  to  convert  the  Br5+AsF6~  to  Br3+AsF6~  by 
pumping  at  room  temperature  was  only  partially  successful  and  resulted  in  the 
loss  of  both  Br3+AsF6“  and  Br5+AsF6“.  This  is  not  surprising  since,  at  room  tem¬ 
perature,  Bi'a^AsFg-  has  some  dissociation  pressure,  as  evidenced  by  the  build 
up  of  Br2  vapor  above  the  brown  solid.  This  Br2  vapor  can  on  standing  equilibrate 
with  Br3+AsF6-  to  reform  some  Br5+AsF6“  thus  explaining  the  difficulties  en¬ 
countered  with  preparing  and  handling  samples  of  pure  Br3+AsF6~.  The  previously 
reported  [13]  synthesis  of  Br3+AsF6~  from  BrFs,  Br2  and  AsF5  is  based  on  the 
same  approach,  i.  e.  conproportionation  of  a  higher  bromine  fluoride  with  bromine 
to  BrF  and  its  subsequent  reaction  with  Br2  and  AsF5  to  form  Br3+AsF6“  (2  —  4). 


BrFs  +  2  Br2  —  5  BrF 

(2) 

5  BrF  -f-  o  Br.,  -f-  5  ASF5  ►  5  Brg^AsFg 

(3) 

BrF5  +  7  Br,  +  5  AsFs  -  5  Br3+AsF6- 

(1) 

In  this  reaction  the  formation  of  Br5+AsF6_  can  be  suppressed  by  the  use  of  excess 
BrFs  and  AsF5. 

We  have  also  repeated  the  previously  reported  [13]  reaction  of  02+AsF6~  with 
excess  Br2.  In  this  system,  02  evolution  is  facile  and  quantitative,  however  the 
formed  product  appears  inhomogenous  with  varying  amounts  of  Br5+AsFg- 
and  Br3+AsF6~  being  produced. 

Crystal  Structure  of  Br3+AsF6_ 

Br3+AsF6_  is  isomorphous  with  I3+AsF6-  [6].  Both  compounds  are  triclinic 
with  similar  unit  cells  and  packing  arrangements  (see  Figure  1).  The  structures 
are  predominantly  ionic  containing  discrete  Hal3+  cations  and  AsF6~~  anions,  with 
some  cation-anion  interaction  (see  Figure  2)  resulting  in  a  distortion  of  the 
AsF6_  anion  from  Oh  symmetry.  As  expected,  the  Br3+  cation  is  symmetric 
(rBr-Br  =  2.270(5)  A)  and  bent  (102.5(2)°).  The  Br— Br  distance  in  Br3+ is  similar 
to  that  for  Br2  (2.281  A  [32])  and  resembles  inthis  respect  the  I3+  (2.665(4)  A  [6]) 
and  I2  (2.666  A  [32])  couple.  The  fluorine  contacts  to  Br3+  are  very  similar  to 
those  found  for  I3+  in  I3+AsF6_  [6],  resulting  in  an  approximately  planar  network 


K.  O.  Cukiste  et  al.,  Br3+AsF6-  and  Brj+AsFj- 


51 


of  two  fluorine  bridges  to  tlie  central  and  of  one  fluorine  bridge  to  each  terminal 
bromine  atom  (see  Figure  2).  A  more  detailed  discussion  of  these  interactions 
has  previously  been  given  for  I3+AsF6~  [G]  and,  therefore,  does  not  need  reitera¬ 
tion. 


Fig.  1  Unit  cell  packing  diagram  for  Br3+AsF6~,  viewed  down  the  b  axis. 


19F  NMR  Spectrum  of  Br3~AsF6~ 

The  19F  NMR  spectrum  of  Br3+AsF6~  in  anhydrous  HF  solution  was  recorded 
at  room  temperature.  It  consisted  of  a  well  resolved  quartet  of  equal  intensity 
( 0  =  65  ppm,  upfield  from  external  CFC13,  with  J„AsF  =  925  Hz  and  a  line 
width  of  100  Hz),  in  excellent  agreement  with  previous  reports  for  octahedral 
AsF6-  [33], 

Raman  Spectra  of  Br3+AsF6_,  Cl3+AsF6~,  and  I3+AsF6~ 

Raman  spectra  of  bromine  polyatomic  cation  salts  are  very  difficult  to  obtain 
due  to  the  intense  colors  of  the  cations.  The  Raman  spectrum  of  a  randomly 
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oriented  single  crystal  of  Br3+AsF6-  at  -  150°C  is  shown  in  Figure  3.  The  observed 
frequencies  and  their  assignments  are  summarized  in  Table  4.  The  two  bands  at 
173  and  85  cm-1,  respectively,  are  due  to  a  small  amount  of  Brs+  formed  during 
the  handling  of  the  crystal  and  recording  of  the  spectrum  and  are  denoted  in 
Figure  3  by  an  asterisk.  The  assignments  given  in  Table  4  are  clear  cut  and  do  not 
require  further  discussion.  The  fact  that  the  observed  AsF6~  bands  deviate  from 
the  0h  selection  rules,  i.  e.  i'3(Flu)  becomes  Raman  active  and  r2(Eg)  is  split  into  its 
degenerate  components,  is  not  surprising  in  view  of  the  distortion  of  the  AsF6- 
octahedron  by  fluorine  bridging  with  the  Br3+  cations.  Raman  spectra  of  pow¬ 
dered  samples  of  Br3+AsF6-  were  also  recorded  at  25  and  — 150  °C.  They  were  of 
lower  quality  than  that  of  the  single  crystal  material  but  showed  the  same  main 
features,  i.  e.  vsym  Br3+  at  293  cm-1  with  a  shoulder  at  297  for  r.l3yiu  Br3+,  6  Br3+ 
at  about  120  cm-1,  and  vsym  AsFe~  at  about  675  cm-1. 


FREQUENCY,  cm-1 

Fig.  3  Raman  spectrum  of  a  single  crystal  of  Br3+AsF,~  recorded  at  — 150 °C  with  random  orien¬ 
tation  of  the  crystal.  The  insert  shows  the  B r3 stretching  bands,  recorded  with  tenfold  abscissa  ex¬ 
pansion. 


Previous  literature  reports  on  the  vibrational  spectra  of  Br3+  suggested  for  frequencies  of 
295  cm-1  in  Br3+[Pt(S03F)6]_  [15],  280  cm-1  in  Br3+[Au(S03F)4]_  [14],  290  cm-1  in  fluorosulfuric 
acid  solutions  [12],  for  j>3(Bj)  a  frequency  of  288  cm-1  in  Br3+S03F-  [16].  and  for  is) A,)  a  doublet  at 
227  and  238  cm-1  in  an  HBr — N02  reaction  product  [17].  Whereas  the  reported  frequencies  of  the 
two  stretching  modes  are  in  fair  agreement  with  our  findings  for  Br3+AsF6~,  the  previously  reported 
[It]  deformation  mode  frequency  is  much  too  high  for  Br^  ,  as  is  also  obvious  from  a  comparison 
with  the  known  fundamental  vibrations  of  I3+  (see  below),  Cl3+  [19],  and  isoelectronic  SeBr.,  [18] 
which  are  summarized  in  Table  5. 
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K.  O.  Chkiste  et  al.,  Br3+AsF6  and  Br5+AsF6 
Tabic  4  Low  Temperature  Raman  Spectrum  of  a  Randomly-Oriented  Single  Crystal  of  Br3+AsF6- 
obsd.  freq.  (cm-1)  assignments  (point  group)  and  approximate  mode  descriptions 


rel.  int. 

Brr  (C,v) 

AsF6-(0„) 

708(15)  ] 

(Oh) 

084(4)  J 

i'3(Flu),  as  stretch 

073(25) 

jqfAjg),  sym  in  phase  stretch 

570(9)  ] 

563(10)  J 

* 

i'2(Eg),  sym  out  of  phase  stretch 

371(15) 

297(00) 

v3(B1).  asym  stretch 

i-5(F.2g),  sym  bend 

293(100) 

v1(A1L  sym  stretch 

124(23) 

v2(A,).  bend 

09(25)  1 
39  sh 

30  sli 

[ 

1 

lattice  vibrations 

Table  5 

Vibrational  Frequencies  (cm 

1 )  of  Br3+  Compared  to  Those  of  I3+,  Cl3+,  and  SeBr2 

. + . 

Cl3+  [19] 

4 

SeBr2  [18] 

this  work 

3 

previous 
work  [1] 

this  work 

previous 
work  [12— 1/i 

ntBj) 

211 

233 

297 

288 

508 

290 

*’i(Aj) 

205 

207 

293 

280-295 

489 

200 

>'.(Ax) 

110 

114 

124 

227/238 

225 

96 

The  Raman  spectra  of  Ci3+AsF6-  [19]  and  I3+AsF6~  [6,  34]  were  also  recorded 
for  comparison.  The  spectrum  of  Cl3+AsF6-  agreed  well  with  that  previously 
reported  [19]  with  the  following  exceptions.  The  unassigned  170  cm-1  band  was 
either  completely  absent  or  of  variable  intensity  in  different  samples,  and, 
therefore,  does  not  belong  to  Cl3+AsF6~.  Furthermore,  two  additional  bands  at 
709  and  686  cmr1  were  observed  in  the  v3(Flu)  region  of  AsF6~  which  resemble 
those  in  Br3+AsF6-.  In  the  low  frequency  region,  two  lattice  vibrations  were 
observed  at  132  and  101  cm-1,  respectively. 

The  Raman  spectrum  of  I3+AsF6~  which  was  prepared  from  I2  and  AsF5  in 
AsF3  solution  [34],  was  recorded  for  both  the  solid  state  and  in  anhydrous 
HF  solutions  using  either  647.1,  514.5,  or  488  nm  excitation.  Due  to  the  intense, 
dark  brown  to  black  c-olor  of  I3+AsF6~  the  quality  of  the  obtainable  spectra  was 
poor.  With  647.1  nm  excitation,  the  spectra  were  dominated  by  a  very  intense 
resonance  Raman  spectrum  of  I2+  [2]  which  was  present  in  the  sample  as  a  minor 
impurity.  In  addition  to  the  intense  238  cm-1  band  of  I2+  [1,  2],  a  weak  band  at 
206  cm-1  was  observed  for  of  I3+.  With  488  nm  excitation,  only  a  weak 

band  at  208  cm”1  was  observed.  The  best  spectrum  was  obtained  with  514.5  nm 
excitation  and  is  shown  in  Figure  4.  It  clearly  locates  v1(A1)  and  r2(A[)  of  I3+  at 
205  and  110  cm”1,  respectively,  in  good  agreement  with  the  207  and  114  cm-1 
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Raman  shift  (cm- 1) 

Fig.  4  Raman  spectrum  of  an  anhydrous  HF  solution  of  Ia+AsF,,-  in  a  Teflon-FEP  tube  recorded 
at  25 °C  with  514.5-nm  excitation.  The  band  shown  as  an  insert  was  recorded  with  a  smaller  slit 
width  of  2  cm-1  to  resolve  the  shoulder  on  the  high  frequency  side. 


values  previously  reported  [1],  However,  the  previously  reported  [1]  233  cm-1 
band  for  could  not  be  confirmed.  By  analogy  with  Br3+  and  based  on  model 
calculations  for  the  frequency  separation  of  the  two  stretching  modes  of  an  XY2 
group  as  a  function  of  their  bond  angle  and  relative  masses  [35],  r3(Bx)  of  I3+  should 
be  about  5  cm-1  higher  than  ^(Aj) .  As  shown  by  the  insert  in  Figure  4,  the  205  cm'1 
Raman  band  of  I3+  indeed  exhibits  a  pronounced  shoulder  at  210  cm-1  which  is 
assigned  to  r3(B1).  This  reassignment  of  v3  is  also  supported  by  our  force  field 
calculations  (see  below).  On  the  low  frequency  side  of  the  205  cm'1  Raman  band 
of  I3+  another  shoulder  was  observed.  A  firm  assignment  cannot  be  given  for  this 
shoulder  at  the  present  time,  but  based  on  the  arguments  given  in  [35]  it  cannot 
represent  r3(B1)  of  I3+. 

General  Valence  Force  Fields  for  Cl3+,  Br3+,  and  I3+ 

General  valence  force  fields  were  calculated  for  Cl3+,  Br3+,  and  I3~  using 
Wilsons  GF  method  [36].  Since  the  block  (2  frequencies,  3  force  constants)  is 
underdetermined,  the  complete  range  of  possible  solutions  was  computed  using 
Sawodnys  method  [37],  The  resulting  force  constant  ellipses  are  given  in  FigureS. 
To  allow  a  better  comparison,  the  stretch-bend  interaction  constants  F1#  and 
bending  constants  F22  have  been  normalized  for  distance. 
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Fig.  5  Range  of  possible  solutions  for  the  Aj  General  Valence  Force  Fields  for  Cl3+,  Br3+,  and  I3+ 
(all  values  in  mdyn/A).  The  preferred  solutions  have  been  marked  by  vertical  lines. 

As  can  be  seen  from  Figure  5,  the  values  of  the  stretching  force  constants  Fu  stron¬ 
gly  depend  on  the  choice  of  F12.  In  the  absence  of  additional  experimental  data,  as¬ 
sumptions  about  the  values  of  F12  had  to  be  made  to  select  preferred  sets  of  force 
constants.  The  method  of  Thakur  {factoring  the  F12  value  of  the  F22  —  minimum 
solution  [37]  by  G12/|/(GU  •  G,,  +  G122)}  was  chosen  because  it  best  duplicates 
the  General  Valence  Force  Fields  of  molecules  with  similar  mass  ratios  [38].  The 
internal  force  constants  obtained  in  this  manner  for  Cl3+,  Br3+,  and  I3+  are  sum¬ 
marized  in  Table  6  and  compared  to  those  of  the  related  Hal2  molecules  and  Hal2+ 
cations. 
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Tabic  6  Internal  Force  Constants  (radyn/A)  and  Bond  Lengths  (A)  and  Angles  (deg)  of  the  Hal.,+, 
Hal.,,  and  Hal,4'  Series 


CI..+ 

Cl2  [1] 

<V  [1] 

Br3~ 

Br,  [2] 

B.V-  [1] 

h+  [1] 

h+  I2  [1] 

this  work 

h+  [1] 

fr 

2.007 

3.1G 

4.29 

2.063 

2.3G 

3.05 

1.923 

1.G07 

1.70 

2.12 

frr 

0.184 

— 

— 

0.192 

— 

— 

0.15G 

0.097 

_ 

— 

J» 

0.314 

— 

— 

0.21G 

— 

— 

0.294 

0.273 

— 

— 

fra. 

0.07G 

— 

— 

0.052 

— 

— 

0.070 

0.0G5 

— 

— 

r 

[1.98]®) 

1.98 

1.89 

2.268 

2.28 

2.13 

2.6G5 

2.66G 

2.56 

(X 

[103]®) 

— 

— 

102.7 

— 

— 

101.75 

__ 

— 

a)  estimated  values 


As  can  be  seen  from  Figure  5  and  Table  6,  the  stretching  force  constants  fr 
monotonously  increase  from  Cl3^  to  I3+,  in  good  analogy  with  those  of  the  Hal2 
molecules  and  Hal2+  cations.  The  finding  that  the  stretching  force  constants  in 
Hal3+  cations  are  smaller  than  those  predicted  from  their  bond  lengths  and  the 
known  force  constants  and  bond  lengths  in  the  corresponding  homonuclear 
diatomic  molecules  or  ions,  is  not  surprising.  From  NQR  measurements  on  I3+ 
[39]  it  is  known  that  in  Haig-5-  cations  most  of  the  positive  charge  resides  on  the 
central  atom.  This  results  in  a  significant  bond  polarity  for  the  Hal3+  cations, 
while  the  bond  polarity  in  the  homonuclear  diatomics  is  zero.  Since  polar  bonding 
contributes  strongly  to  the  bond  shortening  but  not  to  the  stretching  force  con¬ 
stants,  it  is  not  surprising  that  the  stretching  force  constant  of  a  Hal3+  cation 
should  be  smaller  than  that  of  a  Hal2  molecule  or  ion  possessing  the  same  bond 
length.  A  closer  inspection  of  the  data  of  Table  6  reveals  that  for  I3+  only  our 
revised  assignment  for  v3  results  in  a  plausible  value  for  the  stretching  force 
constant  fr. 


The  Raman  Spectrum  of  Br5+AsF6~ 


In  the  reactions  of  either  Br2+AsF6_  or  02+AsF6~  with  an  excess  of  Br2  (see 
above)  products  were  obtained  which  contained  in  addition  to  Br3+  a  second 
polybromine  cation  salt.  Its  Raman  spectrum  is  shown  in  Figure  6,  and  the  ob¬ 
served  frequencies  and  their  assignments  are  summarized  in  Table  7.  The  most 
likely  candidate  for  this  cation  is  Brs+.  In  the  literature,  only  one  brief  reference 
was  made  [14]  to  Br5~  and  Raman  bands  at  304,  295,  267,  and  205  cm-1  were 
tentatively  attributed  to  Bi'j'4.  Otherwise,  the  only  structural  information  avail¬ 
able  for  a  Hal5+  cation  is  a  crystal  structure  of  I5+A.sF6~  [7].  The  latter  study 
showed  that  I5+  has  a  centrosymmetric,  planar  structure  of  C2h  symmetry 


I/!- 


-I— I/J 


It  is  therefore  reasonable  to  assume  an  analogous  C2h  structure 


for  Br5+. 

A  Br5+  cation  of  symmetry  C2h  possesses  nine  fundamental  vibrations  which 
are  classified  as  r  =  3Ag  +  2AU  +  4BU.  Of  these,  the  Ag  modes  are  only  Raman 
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and  the  Au  and  the  Bu  modes  only  infrared  active.  The  following  diagram  gives 
an  approximate  description  of  these  modes. 


vt(A,)  v2(Aj)  v3(A,) 

vsym  terminal  vJym  central  in  plane 


v4(Av) 


6  central  out 
of  plane 


VsfAy) 

torsion 


y 


v6(Bu) 


viS  terminal 


V7(Bw) 
viS  central 


VgfBy) 

5  central  in 
plane 


v9(Bu) 
6^  terminal 
in  plane 


Table  7  Raman  Spectra  of  Br5+AsF6 


obsd.  freq.  (cm  1 

),  rel.  int. 

assignments  (point  group)  and  approximate  made 

descriptions 

solid,  — 135  °C 

HF  solution,  25  °C 

AsF6-  (Oh) 

»r5+  (C2h) 

718(0.5)  ] 

681(0.7)  j 

*(F,«> 

670(3.5) 

685(4) 

MA1S) 

618(0.4) 

570(0.2) 

563(0.3) 

MEg) 

487(0.2) 

399(0.1) 

1 

MFm) 

366(0.8)  1 
348(1)  j 
309(9) 

1 

309(20)  pol 

n(F2g) 

r1(Ag),  sym  terminal  stretch 

190  sh 

r,(Bu),  asym  central  stretch 

174(100) 

182(100)  pol 

r2(Ag),  sym  central  stretch 

87(69) 

108(68)  pol 

r3(AK),  sym  term,  in  plane  def 

66(3) 

| 

37(20) 

[ 

lattice  vibrations 

27(12) 

I 

Since  in  I5+  the  collinear  central  I-I  bonds  (2.895  A)  are  much  longer  than  the 
perpendicular  terminal  ones  (2.645  A)  [7],  the  bonding  in  a  Hal5+  cation  is  best 
described  by  a  semi-ionic,  three  center-four  electron  bonding  model  [40  —  43],  as 
in  the  Hal3-  anions,  for  the  three  central  halogen  atoms  and  two  essentially  nor¬ 
mal  covalent  bonds,  as  in  Hal2  and  Hal3+,  for  the  perpendicular  terminal  bonds. 
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Fig.  6  Raman  spectrum  of  Br5+AsF6~.  Traces  A  and  B  are  spectra  of  the  solid  recorded  at  — 155  °C 
at  two  different  recorder  voltages;  trace  C  is  the  spectrum  of  a  saturated  solution  in  anhydrous  HF 
at  25  °C.  Bands  marked  by  an  asterisk  are  due  to  the  Teflon  container. 


Consequently,  the  frequencies  of  the  three  Raman  active  modes  of  Br5+  can  be 
predicted  as  follows;  »q(Ag)  should  be  similar  to  that  in  Br2  (320  cm-1  [2]),  r2(Ag) 
to  that  of  rgym  in  Br3~  (162  cm-1  [44]),  and  v3(Ag)  to  that  of  the  bending  mode  in 
Br3+  (124  cm-1,  see  above). 

The  observed  spectra  (Figure  5,  Table  7)  are  in  excellent  agreement  with  the 
above  predictions  for  a  Brs+  cation  of  C2h  symmetry.  Disregarding  the  weak  lines 
above  300  cm-1  which  are  due  to  AsF6-  and  the  lattice  modes  which  disappear 
for  the  HF  solution,  we  are  left  with  three  very  intense  Raman  lines  at  309,  174, 
and  84  cm-1  in  the  solid  and  at  309,  182,  and  108  cm-1  in  the  HF  solution  which 
in  the  solution  spectrum  are  all  polarized  as  expected  for  Ag  modes.  The  frequency 
differences  between  the  solid  state  and  solution  spectra  are  attributed  to  solid 
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state  and  solvation  effects.  The  weak  shoulder  observed  at  190  cm  1  for  the  solid 
is  attributed  to  the  antisymmetric  central  Br3  stretching  mode  v7(Bu),  which  is 
activated  by  solid  state  effects  and  occurs  for  Br3_  at  193  cm  1  [44]. 

In  view  of  this  excellent  agreement  the  observed  spectra  can  be  attributed  to  a 
Br5+  cation  of  C2h  symmetry  with  bonding  conditions  similar  to  those  in  Is+, 
i.  e.  a  semi-ionic,  three  center-4  electron  bond  for  the  three  collinear  central 
bromine  atoms  and  two  mainly  covalent  bonds  for  the  perpendicular  teiminal 
bromine  atoms.  The  occurrence  of  a  semi-ionic,  three  center-four  electron  bond 
in  Br5+  but  not  in  Br3+  is  readily  understood  from  a  simple  consideration  of  the 
number  of  valence  electrons  in  each  cation.  In  Br3+,  all  three  bromine  atoms  have 
an  electron  octet,  whereas  in  Brs+  the  central  bromine  atom  is  hypervalent  pos¬ 
sessing  10  valence  electrons  which  favors  the  formation  of  semi-ionic,  three  center- 
four  electron  bonds  [43]. 

</%> 


^  T/  / 

<Br — Br — Br> 
1 


P9 
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High-coordination  Number  Fluoro-  and  Oxofluoro-anions;  IF60  ,  TeFgO2  ,  TeFy  ,  IF8 
and  TeF82_ 

Karl  0.  Christe,* 8  Jeremy  C.  P.  Sanders, b  Gary  J.  Schrobilgen*band  William  W.  Wilson8 
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The  novel  hypervalent,  highly  coordinated,  high-oxidation  state  anions  IF60-,  TeF602_,  TeF7-,  IF8~  and  TeF82~  have 
been  synthesized  in  anhydrous  MeCN  using  anhydrous  N(Me)4+F_  as  the  fluoride  ion  source;  the  anions  have  been 
characterized  by  NMR  and  vibrational  spectroscopy  and  represent  novel  examples  of  seven  and  eight-coordinate 
species  having  symmetries  C$v  (IF60~,  TeF602_),  DSh  (TeF7~)  and  D ^  (IF8~~,  TeF82~). 


The  study  of  fluoro-anions  having  coordination  numbers 
higher  than  six  and,  in  particular,  those  involving  free  valence 
electron  pairs,  have  recently  received  considerable  atten¬ 
tion.1-6  To  a  large  extent,  these  studies  have  been  greatly 
facilitated  by  the  development  of  a  convenient  preparative 
scale  synthesis  of  anhydrous  N(Me)4+F-7  and  the  realization 
that  this  salt  is  an  excellent  reagent  for  the  preparation  of 
novel,  high-oxidation  state  complex  fluoro-  or  oxofluoro- 
anions.  Furthermore,  the  high  solubilities  of  these  N(Me)4+ 
salts  in  solvents  such  as  MeCN  or  C.HF3  permit  the  gathering 
of  valuable  structure  information  through  NMR  and  vibra¬ 
tional  studies  and  the  growth  of  single  crystals  suitable  for 
X-ray  structure  determinations. 

Our  recent  success  with  the  preparation  of  the  XeF5~ 
anion,4  the  first  known  example  of  a  pentagonal  planar  AX5E2 
(where  E  stands  for  a  free  valence  electron  pair)  species, 
prompted  us  to  study  some  closely  related  iodine  and 
tellurium  compounds.  In  addition,  there  are  relatively  few 
examples  of  main-group  species  which  allow  the  applicability 
of  the  valence  shell  electron  pair  repulsion  (VSEPR)  rules  to 
coordination  numbers  exceeding  six  to  be  tested.8  In  this  note, 
we  report  on  the  syntheses  and  structures  of  the  novel  IF60- 
anion  and  on  the  N(Me)4+  salts  of  TeF7_,  TeF82_  and  IF8_. 

The  salt,  N(Me)4+IF60~,  was  prepared  according  to 
eqn.  (1)  by  the  reaction  of  anhydrous  N(Me)4+F_  with  a 
threefold  excess  of  IF5O  in  dry  MeCN  at  —31  °C  for  30  min. 

MeCN 

N(Me)4+F-  +  IFsO - >  N(Me)4+IF60"  (1) 

'  -31 °C 

The  solvent  and  unreacted  IFsO  were  pumped  off  at  -31  °C 
leaving  behind  N(Me)4  +IF60~  as  a  colourless  crystalline  solid 
in  quantitative  yield.  According  to  differential  scanning 
calorimetry  (DSC)  and  pyrolysis  data,  the  compound  starts  to 
decompose  at  about  137  °C  with  formation  of  CF4,  COF2  and 
IF40_  as  the  major  products. 

The  19F  NMR  spectrum  of  N(Me)4+IF60-  in  MeCN 
solution  recorded  at  —40  °C  (Fig.  1)  is  consistent  with  the 
structure  predicted  by  the  VSEPR  rules,  consisting  of  a 
pentagonal  bipyramidal  structure  of  C5l.  symmetry  (structure 
1)  in  which  the  oxygen  atom  occupies  an  axial  position.  The 
spectrum  consists  of  a  doublet  at  6  166.0,  assigned  to  the 


equatorial  fluorines,  and  a  1:5:10:10:5:1  sextet  at  6  111.1, 
assigned  to  the  axial  fluorine  trans  to  oxygen.  Both  resonances 
are  broadened  by  partially  quadrupole-collapsed  spin  coup¬ 
ling  to  127I  (/  =  5/2).  The  fluorine-fluorine  scalar  coupling, 
2/(i9Fa_Fc)  205  Hz,  is  verv  similar  in  magnitude  to  those  for 
IFsO  (271-280  Hz)9  and  cis-I02F4-  (204  Hz  in  MeCN).10 

The  vibrational  spectra  of  IF60“  are  also  in  excellent 
agreement  with  symmetry  Cj,..  The  assignments  were  made  by 
comparison  with  the  related  IF7  molecule  (see  Table  1)  and 
XeF.-r  anion.4 

The  reactions  between  TeF6  and  alkali  metal  fluorides  have 
been  reported  previously,  although  definitive  characterization 
of  the  products  was  never  achieved. 11  12  The  reactions  of  TeF8 
with  CsF  and  RbF  suspended  in  C6F6  resulted  in  products 
approaching  the  limiting  compositions  CsF-TeF6  and 
2RbFTeF6,  respectively.12  Vibrational  studies  on  these 
materials  were  tentatively  interpreted  as  indicating  £>5/,  and 
Did  structures  for  TeF-r  and  TeF82_,  respectively.  However, 
since  both  compounds  decomposed  in  solution,  a  fuller 
characterization  of  their  nature  was  precluded. 

The  preparation  of  N(Me)4+TeF7~  was  similar  to  that  for 
the  IF60-  salt  except  that  a  5%  excess  of  TeF6  was  allowed  to 
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react  with  N(Me)4+F*  according  to  equation  (2).  The  solvent 
and  an  excess  of  TeF6  were  pumped  off  at  room  temperature 
leaving  a  white  solid  in  quantitative  yield. 

MeCN 

N(Me)4+F~  +  TeF6  — — ^  N(Me)4+TeF7~  (2) 

The  room  temperature  125Te  NMR  spectrum  of 
N(Me)4+TeF7_  in  MeCN  consists  of  a 
1:7:21:35:35:21:7:1  octet  centred  at  8  327.4  (Fig.  2).  The 
octet  fine  structure  arises  from  the  one-bond  spin-spin 
coupling  between  the  central  l25Te  and  the  l9F  ligands 
[*/(l25Te-19F)  2876  Hz]  and  is  in  accord  with  a  TeF7-  anion 
structure  in  which  all  seven  fluorines  are  rendered  equivalent 
on  the  NMR  time  scale  by  a  facile  intramolecular  exchange 
process.  The  19F  NMR  spectrum  is  also  consistent  with  the 
TeF7~  anion  undergoing  a  fluxional  process  in  solution,  and 
consists  of  a  single  environment  (8  16.1)  and  natural  abun¬ 
dance  satellite  spectra  arising  from  '/(,23Te-19F)  2385  and 
‘/(125Te-I9F)  2876  Hz.  Under  high  resolution  at  an  external 
field  strength  of  11.744T,  the  central  line  displays  the  isotopic 
shift  pattern  arising  from  the  natural  abundance  spinless 
tellurium  isotopes  corresponding  to  the  fluorines  of  the  130Te, 
128Te,  126Te,  124Te  and  122Te  isotopomers,  with  each  iso- 
topomer  shifted  successively  to  higher  frequency  of  130TeF7~, 
by  0.004  ppm.  Earlier  NMR  studies  have  shown  that  the 
isoelectronic  IF7  molecule  also  undergoes  rapid  intramol¬ 
ecular  exchange  and  gives  rise  to  a  single  fluorine  environ¬ 
ment  in  the  room  temperature  19F  NMR  spectrum  with 
partially  quadrupole-collapsed  fine  structure  arising  from 

1/(U7I_I9F).13 

The  vibrational  spectra  of  TeF7~  have  been  assigned  by 
analogy  with  those  of  the  isoelectronic  IF7  molecule  (Table  1) 
and  are  in  agreement  with  a  pentagonal  bipyramidal  structure 
of  D5h  symmetry  (structure  2).  In  general,  the  TeF7~ 
frequencies  are  shifted  to  lower  frequencies  relative  to  those 
of  IF7,  in  accordance  with  the  formal  negative  charge  of 
TeF7-. 

The  syntheses  of  Cs+IFg-,14  NO+IFg-1415  and  N02+IFg~15 
have  previously  been  reported,  and  the  ionic  nature  of  these 
salts  was  established  by  the  observation  of  the  vibrational 
bands  characteristic  for  NO+  and  N02+.14-15  Although  partial 
Raman14  and  IR  spectra15  had  been  reported  for  IFg_,  no 
conclusions  could  be  drawn  from  these  data  about  the  exact 
structure  of  this  interesting  octacoordinated  anion.  To  allow  a 
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8i9F  (ppm  from  CFCI3) 


Fig.  1  The  19F  NMR  spectrum  of  N(Me)4+IFhO~  recorded  at  471.599 
MHz  in  MeCN  solvent  at  -40  °C 


380  360  340  320  300  280  260 

5i25Te  [PPm  from  (Me)2Te] 


Fig.  2  The  ,25Te  NMR  spectrum  of  N(Me)4~TeF7  recorded  at 
157.792  MHz  in  MeCN  solvent  at  30  °C 


Table  1  Vibrational  frequencies  (cm*1)  and  tentative  assignments  for  IFsO  ,  IF7  and  TeF7 

IF60-(C5,)«  IF7(D5,,)fc  TeF7-(D5„)" 


A,  vt 

v  1=0 

873  [vs,  IR:  5.3,  R(p)] 

Vt 

vIFax 

649  [s,  IR:  8.8  R(p)] 

A,’  v, 

vsym  MF2ax 

675  [2.0.  R  (p)] 

597  (2.6.  R) 

v3 

v  sym  IF5 

584[10,R(p)] 

v2 

v  sym  MF? 

629  [10.  R  (p)] 

640(10,  R) 

A2"  v. 

v  asym  MF2  ax 

746  (s,  IR) 

695  (vs.  IR) 

V4 

6  umbrella 

v4 

6  umbrella 

if5 

359  (s,  IR) 

mf5 

363  (s,  IR) 

332  (s.  IR) 

Ej  v5 

vasym  IF5 

585  (vs,  IR) 

E|’  v5 

v  asym  MF5 

672(vs,IR) 

625  (vs,  IR) 

V6 

6  wag  1=0 

457  (4.9,  R) 

vfi 

6  scissoring 

384  (vs.  IR) 

v7 

6  wag  IF  ax 

405  (vs,  IR) 

MF2ax 

425  (vs,  IR) 

Vg 

6  asym  IFS 

V7 

8  asym  MF5 

257  (w,  IR) 

in  plane 

260  (s,  IR;0.2.  R) 

in  plane 

C 

E,”  v8 

6  wag  MF2  ax 

308  (0.6,  R) 

299(0.6,  R) 

E2  V, 

vasym  IF5 

530  (0.4,  R) 

E2'  v9 

v  asym  MFs 

509(0.9,  R) 

458(1.6,  R) 

V10 

6  scissoring 

Vlll 

b  scissoring  MF5 

326(0.7,  R) 

IFs  in  plane 

341  (6.2,  R) 

in  plane 

342  (0.6.  R) 

V11 

6  pucker IFj 

d 

E2”  V|, 

6  pucker  MF5 

d 

d 

“Spectra  recorded  for  the  N(Me)4~  salts  at  25  °C.  b  Frequencies  are  taken  from  H.  H.  Eysel  and  K.  Seppelt,  J.  Chem.  Phys.,  1972, 
56,  5081.  A  number  of  modes  have  been  reassigned  so  that  they  are  consistent  with  the  corresponding  assignments  for  XeF<r  (ref.  4),  which 
have  been  confirmed  by  a  force  constant  analysis  and  theoretical  calculations.  ‘  Mode  not  observed.  •'  Inactive  in  both  the  IR  and  Raman 
spectra. 
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Table  2  Vibrational  frequencies  (cm-')  and  assignments  for  IFg~  in  N(Me)4-IFg~  and  TeFg2-  in  [N(Me)4-r]2TeF82-  in 


point  group  Dw 


Raman 

IR  (solid  25  °C) 

Assignment 
in  £>4j 

IF„- 

TeF82- 

IF«-  TeFg- 

Solid 

MeCN  sol’n 

25  °C 

-142°C 

660(0+) 

660(0+) 

590vs.br  558  vs 

v12(E,) 

v4(B2) 

vfi(E,) 

587(10) 

595(10) 

588(6.5) 

590 ( 10) p 

582(10) 

vi(A,) 

550 (0.3) 
463(1.8) 

550(0.5) 

463(1.9) 

550(0+)  dp 
462  (0.5)  p 

490  (0.2).  br 
408(1.0) 

410  s  375  vs 

Vg  (E2) 

v2(A,) 

v5(B2) 

v8(E,) 

411(0.7) 

419(0.9) 

410(1.4) 

410  sh» 

388(1.8) 

vio(E2) 

380(0+)* 

325 (0.3) 

314  m  265  w 

v13(E3) 

v7(E,) 

a  Shoulder  on  strong  MeCN  solvent  band.  *  This  band  could  possibly  be  due  to  the  N( Me )4  *  cation. 


better  characterization  of  the  IFg~  anion,  we  have  prepared 
the  new  N(Me)4+IF8-  salt  and  its  isoelectronic  tellurium 
analogue,  TeFg2~,  by  the  reaction  of  N(Me)4+F~  with  excess 
IF7  and  a  stoichiometric  amount  of  N(Me)4+TeF7~,  respect¬ 
ively.  For  reaction  (3)  the  solvent  and  unreacted  IF7  were 
pumped  off  at  -22  and  0  °C,  respectively,  leaving  behind 
colourless  N(Me)4+IF8_  in  quantitative  yield.  In  the  case  of 
reaction  (4),  [N(Me)4+]2TeF82~  was  isolated  in  admixture 
with  ca.  20-30%  N(Me)4+TeF7_.  The  [N(Me)4+]2TeF8~  salt 

MeCN 

N(Me)4+F-  +  IF7-^£  N(Me)4"TF8-  (3) 


N(Me)4+F-  +  N(Me)4+TeF7--^^  [N(Me)4+]2TeF82-  (4) 

has  a  strong  tendency  to  dissociate  in  MeCN,  thus  far 
preventing  the  preparation  of  a  sample  containing  only  the 
TeF82_  anion.  At  room  temperature,  dissociation  of  the 
insoluble  TeF82~  anion  into  TeF7~  and  F~  results  in  rapid 
solvent  attack  by  F-16  and  formation  of  HF2~  anion.  Even  in 
the  presence  of  a  fivefold  excess  of  N(Me)4+F~  at  —5  °C, 
significant  amounts  of  TeF7_  and  F“  were  observed  in  the 
19F  NMR  spectrum,  but  no  resonance  attributable  to  TeFg2~ 
could  be  observed.  The  N(Me)4+IF8-  salt  is  a  crystalline  solid 
which,  according  to  DSC  data,  is  stable  up  to  ca.  110  °C  where 
it  undergoes  exothermic  decomposition. 

The  IFg“  and  TeF82_  anions  possess  eight  fluorine  ligands 
and  no  free  central  atom  valence  electron  pair.  Their 
structures  could,  therefore,  be  either  a  cube  of  symmetry  Oh, 
which  is  unlikely  owing  to  steric  interactions,8  a  dodecahedron 
of  symmetry  Dld  or  a  square  antiprism  of  symmetry  D4rf 
(structures  3  and  4).17-20  Distinction  among  these  three 
possibilities  was  made  by  vibrational  spectroscopy.  The 
dodecahedral  structure  is  expected  to  give  rise  to  two 
polarized  stretching  modes  and  four  deformation  modes  (two 
polarized;  two  depolarized)  exclusively  in  the  Raman.  The  IR 
bands  are  mutually  non-exclusive  and  comprise  four  stretch¬ 
ing  modes  and  five  deformation  modes  which  are  all  depolar¬ 
ized  in  the  Raman.  All  Raman  and  IR  bands  observed  for  IF8- 
and  TeFg2~  are  mutually  exclusive,  thereby  eliminating  Djj 


symmetry.  For  the  cubic  Oh  structure,  two  stretching  modes 
are  expected  (one  polarized;  the  other  depolarized)  and  two 
depolarized  deformation  modes  in  the  Raman,  as  well  as  one 
stretching  and  one  deformation  mode  in  the  infrared.  All 
these  modes  should  be  mutually  exclusive.18  For  the  square 
antiprismatic  structure,  one  polarized  and  two  depolar¬ 
ized  stretching  modes  are  expected  as  well  as  one  polarized 
and  three  depolarized  deformation  modes  in  the  Raman.  In 
the  IR  spectrum,  two  stretching  and  three  deformation  modes 
are  expected,  which  again  should  be  mutually  exclusive.1719-20 
Although  the  full  number  of  fundamentals  for  was  not 
observed  (see  Table  2),  probably  because  of  either  low 
relative  intensities  or  coincidences,  the  observation  of  a 
polarized  Raman  deformation  band  at  462  cm-1  and  of  at  least 
two  IR  active  deformation  modes  at  410  and  314  cm-1, 
respectively,  establish  the  square  antiprismatic  Did  structure 
for  IFg-.  It  was  not  possible  to  obtain  polarization  data  on 
TeFg2-  owing  to  the  insolubility  of  the  salt  and  its  tendency  to 
dissociate  in  MeCN.  However,  the  vibrational  spectra  of 
TeF82~  can  be  assigned  by  their  close  analogy  to  those  of  IFg~ 
(Table  2)  and  it  may  be  concluded  that  TeFg2~  also  possesses  a 
square  antiprismatic  structure. 

X-Ray  crystal  structure  determinations  on  these  and  other 
closely  related  anions  are  underway  both  in  our  laboratories 
and  in  an  independent  effort  by  Dr  K.  Seppelt  and  coworkers 
at  the  Freie  Universitat.  Berlin. 

Note  added  in  proof :  The  TeFg02_  anion  has  also  been 
synthesized  by  the  reaction  of  equimolar  amounts  of 
N(Me)4+F-  and  N(Me)4+TeFsO-  at  -9  °C  in  MeCN.  The 
vibrational  assignments  (v/cm_1)  under  C5,  establish  that 
TeF602_  is  isostructural  with  IF60~:  v,  829  (s,  IR;  s,  R);  v2 
613  (m,  IR;  vs,  R);  v3  528  (m,  R),  v4  330  (s,  IR);  v5  525  (vs, 
IR);  v6  388  (m,  R);  v7  365  (vs,  IR);  vg  245  (not  observed, 
beyond  spectrometer  limit;  w,  R);  v9  not  observed;  v10  322  (s, 
R);  vn  (not  observed).  The  19F  NMR  spectrum  of 
N(Me)4+IF8_  has  been  obtained  at  30  °C  (6  248.6)  and  is  a 
partially  quadrupole  collapsed  multiplet  (saddle-shaped  with  a 
■doublet’  separation  of  3807  Hz)  arising  from  the  i:7I-19F 
scalar  coupling  and  is  consistent  with  the  small  electric  field 
gradient  at  the  127I  nucleus  that  is  anticipated  for  a  square 
antiprismatic  AX8  geometry. 
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Abstract:  The  N2F+AsF6‘  salt  was  prepared  in  high  yield  from  /rarts-N2F2  by  thermal  trans-cis  isomerization  in  the  presence 
of  AsF5  at  70  °C.  A  displacement  reaction  between  N2F+AsF6"  and  FNO  yields  exclusively  cis-N2F2.  The  Lewis  acids  BF3 
and  PF5  do  not  form  a  stable  adduct  with  m-N2F2  at  temperatures  as  low  as  -78  °C  and  do  not  catalyze  the  N2F2  trans-cis 
isomerization.  A  semiempirica!  molecular  orbital  model  is  used  to  explain  the  puzzling  differences  in  the  reaction  chemistry 
of  cis-  and  mmj-N2F2.  The  crystal  structure  of  N2F+AsF<"  (monoclinic,  C2/m,  a  =  9.184  (5)  A,  b  =  5.882  (2)  A,  c  =  5.160 

(2)  A,  0  =  90.47  (4)°,  Z  =  2)  was  determined.  Alternate  space  groups  (Cm  and  C2)  can  be  rejected  on  the  basis  of  the  observed 
vibrational  spectra.  Since  in  Cl/m  the  N2F+  cations  are  disordered,  only  the  sum  of  the  N-F  and  N-N  bond  distances  could 
be  determined  from  the  X-ray  data.  Local  density  functional  calculations  were  carried  out  for  N2F+  and  the  well-known 
isoelectronic  FCN  molecule.  The  results  from  these  calculations  allowed  the  sum  of  the  N2Ft  bond  lengths  to  be  partitioned 
into  the  individual  bond  distances.  The  resulting  N-F  bond  length  of  1.217  A  is  by  far  the  shortest  presently  known  N-F 
bond,  while  the  N-N  bond  length  of  1 .099  A  is  comparable  to  the  shortest  presently  known  N-N  bond  length  of  1.0976  (2) 
A  in  N2.  The  surprising  shortness  of  both  bonds  is  attributed  to  the  high  s-character  (sp  hybrid)  of  the  a-bond  orbitals  on 
nitrogen  and  the  formal  positive  charge  on  the  cation.  Thus,  the  shortening  of  the  N-F  bond  on  going  from  sp3-hybridized 
NF/ (1.30  A)  to  sp-hybridized  N2F+  (1.22  A)  parallels  those  found  for  the  C-H  and  C-F  bonds  in  the  CH4,  CH2=CH2, 
CH=CH  and  CF4,  CF2=CF2,  FO^N  series,  respectively.  The  oxidative  power  of  NjF^  has  also  been  studied.  The  N2F+ 
cation  oxidized  Xe  and  C1F  to  XeF+  and  CIF2+,  respectively,  but  did  not  oxidize  CIF5,  BrF5,  IF},  XeF4,  NF3,  or  02. 


Introduction 

The  chemistry  of  N2F2  and  its  derivatives  is  fascinating  and 
presents  many  mysteries.'  Thus,  N2F2  exists  as  two  planar 
FN=NF  isomers,  a  cis  and  a  trans  form.  In  spite  of  only  a  small 
enthalpy  difference  of  3.04  kcal/mol  between  the  two  isomers,2 
their  properties  and  reaction  chemistry  are  very  different.  For 
example,  only  the  cis  isomer  reacts  with  strong  Lewis  acids  to  form 
N2F+  salts.  Furthermore,  some  of  the  synthetic  methods  for  N2F2 
produce  exclusively  the  trans  isomer,  and  its  slow  and  erratic 
isomerization  to  the  more  stable  cis  isomer  is  poorly  understood, 
as  shown  by  recent  ab  initio  calculations.3 

The  ^F-3  cation4'"*  is  also  of  great  interest.  Force  field9  and 
ab  initio  calculations"3-12  suggested  that  this  cation  should  possess 
an  unusually  short  N-F  bond.  On  the  basis  of  the  previously 
published9  NF  stretching  force  constant  value  of  8.16  mdyn/A 
and  N-F  bond  length-force  constant  plots,10,13  a  value  of  about 
1.23  A  can  be  extrapolated  for  the  N-F  bond  in  N2F+.  This 
surprisingly  short  N-F  bond  length  value  for  NjF3  was  also 
supported  by  ab  initio  calculations10"12  which  resulted  in  values 
of  1.28,  1.24,  and  1.23  A,  respectively.  Considering  that  in  co¬ 
valent  main  group  element  fluorides  the  bond  length  generally 
decreases  with  an  increase  in  the  formal  oxidation  state  of  the 
central  atom  and  that  the  shortest  previously  known  N-F  bond 
was  1.30  A  in  NF4+  (+V),14  a  value  of  about  1.23  A  for  N2F+ 
(+1)  would  be  unique  indeed. 

On  the  other  hand,  if  the  N-F  bond  length  in  ^F*  were 
considerably  longer  than  the  value  predicted  from  the  force  field 
computations,  the  N2F+  cation  would  be  an  ideal  test  case  for 
“Gordy’s  rule”.15  According  to  this  rule,  the  bond  stretching  force 
constant  k  is  related  to  the  bond  distance  d  by  the  equation 

*ab  =  aN(XAXB/dAS)3/*  +  b 

where  X  are  the  Pauling  electronegativities,  N  the  bond  order, 
and  a  and  b  empirically  determined  constants.  Although  no  a 
priori  reason  dictates  such  a  relationship  since  bond  lengths 


3  Rocketdyne  Division,  Rockwell  International  Corp. 
'University  of  Southern  California,  Los  Angeles. 

*  E.l.  du  Pont  de  Nemours  and  Company,  Inc. 


measure  the  position  of  the  potential  energy  minimum  whereas 
force  constants  indicate  its  curvature,  only  one  exception  to  Gordy’s 
rule  has  previously  been  reported.16  Thus,  a  knowledge  of  the 
N-F  bond  distance  in  N2F+  was  of  significant  interest  since  it 
would  either  confirm  the  existence  of  an  unusually  short  N-F  bond 
or  provide  a  rare  example  of  a  species  not  obeying  Gordy’s  rule. 

Experimental  Section 

Materials.  The  following  commercial  materials  were  used  without 
further  purification:  N2F4  (Air  Products);  Xe,  02,  1F5,  PFS,  and  BF3 
(Matheson);  C1F5  and  NF3  (Rocketdyne);  and  C1F  (Ozark  Mahoning). 
Literature  methods  were  used  for  the  syntheses  of  ira/is-N2F2,17  N2F+- 
AsF6"\  FNO,18  and  XeF4,19  the  purification  of  BrF,,20  and  the  drying 
of  HF.21 


(1 )  For  an  exhaustive  review  of  the  properties  and  chemistry  of  N2F2  see: 
Gmelin  Handbook  of  Inorganic  Chemistry,  Fluorine,  Springer  Verlag;  Berlin, 
1986;  Suppl.  Vol.  4,  pp  385-403. 

(2)  Craig,  N.  C.;  Piper,  L.  G.;  Wheller,  V.  L.  J.  Phys.  Chem.  1971,  75, 
1453. 

(3)  Lee,  T.  J.;  Rice,  J.  E.;  Scuseria,  G.  E.;  Schaefer,  H.  F.,  Ill  Theor. 
Chim.  Acta  1989,  75,  81. 

(4)  Moy,  D.;  Young,  A.  R.  J.  Am.  Chem.  Soc.  1965,  87,  1889. 

(5)  Ruff,  J.  K.  lnorg.  Chem.  1966,  5,  1791. 

(6)  Roesky,  H.  W.;  Glemser,  O.;  Bormann,  D.  Chem.  Ber.  1966,  99,  1589. 

(7)  Pankratov,  A.  V.;  Savenkova,  N.  I.  Russ.  J.  lnorg.  Chem.  1968,  13, 
1345. 

(8)  Shamir,  J.;  Binenboym,  J.  J.  Mol.  Struct.  1969,  4,  100. 

(9)  Christe,  K.  O.;  Wilson,  R.  D.:  Sawodny,  W.  J.  Mol.  Struct.  1971,  8, 
245. 

(10)  Pulay,  P.;  Ruoff,  A.;  Sawodny,  W.  Mol.  Phys.  1975,  30,  1123. 

(11)  Peters,  N.  J.  S.  Chem.  Phys.  Lett.  1987,  142,  76. 

(12)  Yakobson,  V.  V.;  Zyubina,  T.  S.;  Charkin,  O.  P.  Russ.  J.  lnorg. 
Chem.,  Engl.  1988,  33,  1727. 

(13)  Christe,  K.  O.  Spectrochim.  Acta,  Part  A  1986,  42A,  939. 

(14)  Christe,  K.  O.;  Lind,  M.  D.;  Thorup,  N.;  Russell,  D.  R.;  Fawcett,  J.; 
Bau,  R.  lnorg.  Chem.  1988,  27,  2450. 
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(16)  Mack,  H.  G.;  Christen,  D.;  Oberhammer,  H.  J.  Mol.  Struct.  1988, 
190,  215. 
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Table  I.  Summary  of  Crystal  Data  and  Refinement  Results  for 
N2F+AsF6- 


space  group 

C2/m  (No. 

a.  A 

9.184  (5) 

b,  A 

5.882  (2) 

c,  A 

5.160  (2) 

0.  deg 

90.47  (4) 

v.  A3 

278.7  (2) 

molecules  per  unit  cell 

2 

formula  weight,  g 

235.9 

cryst  dimens,  mm 

0.32  X  0.38 

calcd  density,  g  cm'3 

2.82 

abs  coeff,  mm'1 

59.8 

range  in  transmission  factor 

0.61-1.00 

(normalized  to  unity) 

wavelength  used  for  data  collection,  A 

0.71069 

sin  0/\  limit.  A'1 

0.6497 

tot  no.  of  reflcns  measd 

1272 

no.  of  independent  reflcns 

364 

no.  of  reflcns  used  in  structural 

362 

analysis  1  >  3 <r(/) 

no.  of  variable  params 

30 

final  agreement  factor 

0.0404 

Apparatus.  Volatile  materials  were  handled  in  a  well-passivated  (with 
CIFj)  stainless  steel  Teflon-FEP  vacuum  line.25  Nonvolatile  materials 
were  manipulated  under  the  dry  nitrogen  atmosphere  of  a  glovebox. 
Vibrational  spectra  were  recorded  as  previously  described.20 

Reaction  of  NjF^AsF^'  with  FNO.  A  sample  of  NjF^AsFj'  (1.84 
mmol)  was  placed  inside  the  drybox  into  a  prepassivated  3/4  in.  Teflon- 
FEP  ampule  that  was  closed  by  a  stainless  steel  valve.  On  the  vacuum 
line,  FNO  (4.14  mmol)  was  added  at  -196  °C,  and  the  resulting  mixture 
was  allowed  to  slowly  warm  from  -196  to  -78  °C  by  the  use  of  a  liquid 
N2-dry  ice  slush  bath.  The  mixture  was  then  allowed  to  slowly  warm 
from  -78  °C  to  room  temperature  over  a  12-h  period.  The  ampule  was 
cooled  to  -196  °C,  and  the  volatile  material  was  separated  during 
warm-up  of  the  ampule  to  25  °C  by  fractional  condensation  through 
traps  kept  at  -126  and  -210  °C.  The  -126  °C  trap  contained  unreacted 
FNO  (2.29  mmol)  and  the -210  °C  trap  contained  m-N2F2  (1.8  mmol). 
The  white  solid  residue  (401  mg,  weight  calcd  for  1.84  mmol  of  NO+- 
AsF6~  =  403  mg)  was  identified  by  vibrational  spectroscopy  as  NO+- 
AsFj'.23 

Oxidation  Reactions  of  N2F+AsF6'.  All  oxidation  reactions  of  N2F+- 
AsF6~  were  carried  out  in  the  same  manner.  About  2  mmol  of  N2F+- 
AsF6~  was  placed  in  the  drybox  into  a  prepassivated  0.5  in.  o.d.  Teflon- 
FEP  ampule  that  was  closed  by  a  stainless  steel  valve.  On  the  vacuum 
line,  about  2  mL  of  liquid  anhydrous  HF  and  about  5  mmol  of  the 
compound  to  be  oxidized  were  added,  and  the  resulting  mixture  was  kept 
at  room  temperature  for  24  h.  The  ampule  was  cooled  to  -196  °C  and 
the  amount  of  evolved  nitrogen  was  measured  by  expansion  into  the 
vacuum  line.  The  material  volatile  at  room  temperature  was  separated 
by  fractional  condensation  through  a  series  of  cold  traps  kept  at  appro¬ 
priate  temperatures.  The  contents  of  these  traps  were  measured  by  PVT 
and  identified  by  infrared  spectroscopy.  The  solid  residues  in  the  ampule 
were  weighted  and  identified  by  infrared  and  Raman  spectroscopy. 

Crystal  Structure  Determination  of  N2F+AsF6”.  Single  crystals  of 
N2F+AsF6“  were  obtained  by  slowly  cooling  a  saturated  HF  solution  from 
25  to  0  °C  and  separating  the  resulting  crystals  from  the  cold  solution 
by  decantation.  A  suitable  crystal  was  selected  under  a  microscope  inside 
the  glovebox  and  sealed  in  a  quartz  capillary. 

Diffraction  data  were  collected  at  room  temperature  using  a  Sie- 
mens/Nicolet/Syntex  P2,  diffractometer  with  Mo  Ka  radiation  up  to  a 
2$  limit  of  45°.  A  total  of  1272  intensity  values  for  an  entire  reflection 
sphere  was  collected  and  the  four  equivalent  quadrants  merged  to  give 
364  unique  reflections.  An  empirical  <//- scan  absorption  correction  was 
applied,  based  on  the  variation  in  intensity  of  an  axial  reflection.24 

The  pattern  of  systematic  absences  was  consistent  with  any  one  of  the 
following  centered  monoclinic  space  groups:  C2  (No.  5),  Cm  (No.  8), 
or  C2/m  (No.  12).  The  structure  was  solved  for  all  three  space  groups. 
The  positions  of  the  atoms  were  obtained  by  direct  methods  with  use  of 


(21)  Christe,  K.  O.;  Wilson,  W.  W.;  Schack,  C.  J.  J.  Fluorine  Chem.  1978, 
//,  71. 

(22)  Christe,  K.  O.;  Wilson,  R.  D.;  Schack,  C.  J.  Inorg.  Synth.  1986,  24, 
3. 

(23)  Griffiths,  J.  E.;  Sunder,  W.  A.;  Falconer,  W.  E.  Spectrochim.  Acta, 
Part  A  1975,  31 A.  1207. 

(24)  For  details  on  the  if-scan  empirical  correction,  see:  Churchill,  M.  R.; 
Hollander,  F.  J.  Inorg.  Chem.  1978,  17,  3548. 


Table  II.  Final  Atomic  Coordinates  for  N2F+AsF4‘ 


atom 

X 

y 

2 

no.a 

Asl 

0 

0 

0.5 

2 

F2 

0.1235  (6) 

0 

0.2574  (9) 

4 

F3 

-0.0948  (5) 

0.2027  (9) 

0.3406  (9) 

8 

N4 

0 

0.5 

1 

2 

X5‘ 

-0.1203  (7) 

0.5 

0.9313  (11) 

4 

“Number  of  times  this  atom  appears  in  the  unit  cell.  bX  is  the  dis¬ 
ordered  terminal  atom  (50%  N/50%  F)  of  the  [N2F]+  cation  in  space 
group  C2/m. 


the  computing  package  SHELX-86.25  The  structures  were  then  refined 
with  use  of  362  reflections  with  1  >  2a(I).  Details  of  the  data  collection 
parameters  and  other  crystallographic  information  are  given  in  Table  1. 
The  final  atomic  coordinates,  thermal  parameters,  interatomic  distances, 
and  bond  angles  for  the  preferred  (see  Discussion  section)  C2/m  model 
are  given  in  Tables  I  MV,  respectively. 

Computational  Methods.  The  geometry  and  vibrational  frequencies 
of  N2F+  and  FCN  were  calculated  in  the  local  density  functional  ap¬ 
proximation26  by  using  the  program  system  DMol.27  The  atomic  basis 
functions  are  given  numerically  on  an  atom-centered,  spherical-polar 
mesh.  The  radial  portion  of  the  grid  is  obtained  from  the  solution  of  the 
atomic  LDF  equations  by  numerical  methods.  The  radial  functions  are 
stored  as  sets  of  cubic  spline  coefficients  so  that  the  radial  functions  are 
piece-wise  analytic,  a  necessity  for  the  evaluation  of  gradients.  The  use 
of  exact  spherical  atom  results  offers  some  advantages.  The  molecule 
will  dissociate  exactly  to  its  atoms  within  the  LDF  framework,  although 
this  does  not  guarantee  correct  dissociation  energies.  Furthermore,  be¬ 
cause  of  the  quality  of  the  atomic  basis  sets,  basis  set  superposition  effects 
should  be  minimized  and  correct  behavior  at  the  nucleus  is  obtained. 

Since  the  basis  sets  are  numerical,  the  various  integrals  arising  from 
the  expression  for  the  energy  need  to  be  evaluated  over  a  grid.  The 
integration  points  are  generated  in  terms  of  angular  functions  and 
spherical  harmonics.  The  number  of  radial  points  NR  is  given  as 

AfR=  1.2  X  14(Z-2)'/3 

where  Z  is  the  atomic  number.  The  maximum  distance  for  any  function 
is  12  au.  The  angular  integration  points  N0  are  generated  at  the  NR 
radial  points  to  form  shells  around  each  nucleus.  The  value  of  N0  ranges 
from  14  to  302  depending  on  the  behavior  of  the  density.2*  The  Coulomb 
potential  corresponding  to  the  electron  repulsion  term  is  determined 
directly  from  the  electron  density  by  solving  Poisson’s  equation.  In  DMol, 
the  form  for  the  exchange-correlation  energy  of  the  uniform  electron  gas 
is  that  derived  by  von  Barth  and  Hedin.29 

All  of  the  DMol  calculations  were  done  with  a  double  numerical  basis 
set  augmented  by  polarization  functions.  This  can  be  thought  of  in  terms 
of  size  as  a  polarized  double- f  basis  set.  However,  because  of  the  use  of 
exact  numerical  solutions  for  the  atom,  this  basis  set  is  of  significantly 
higher  quality  than  a  normal  molecular  orbital  double-f  basis  set.  The 
fitting  functions  have  angular  momentum  numbers  one  greater  than  that 
of  the  polarization  function.  Since  all  of  the  atoms  have  d  polarization 
functions,  the  value  of  1  for  the  fitting  function  is  3. 

Geometries  were  optimized  by  using  analytic  gradient  methods.  There 
are  two  problems  with  evaluating  gradients  in  the  LDF  framework  which 
are  due  to  the  numerical  methods  that  are  used.  The  first  is  that  the 
energy  minimum  does  not  necessarily  correspond  exactly  to  the  point  with 
a  zero  derivative.  The  second  is  that  the  sum  of  the  gradients  may  not 
always  be  zero  as  required  for  translational  invariance.  These  tend  to 
introduce  errors  on  the  order  of  0.001  A  in  the  calculation  of  the  coor¬ 
dinates  if  both  a  reasonable  grid  and  basis  set  are  used.  This  gives  bond 
lengths  and  angles  with  reasonable  error  limits.  The  difference  of  0.001 
A  is  about  an  order  of  magnitude  smaller  than  the  accuracy  of  the  LDF 
geometries  when  compared  to  the  experimental  ones.  The  frequencies 


(25)  Sheldrix,  G.  M.  SHELX  System  of  Crystallographic  Programs, 
University  of  Goettingen,  West  Germany,  1986. 

(26)  (a)  Parr,  R.  G.;  Yang,  W.  Density  Functional  Theory  of  Atoms  and 
Molecules-,  Oxford  University  Press:  New  York,  1989.  (b)  Salahub,  D.  R. 
In  Ab  Initio  Methods  in  Quantum  Methods  in  Quantum  Chemistry -l I\ 
Lawlwy,  K.  P.,  Ed.;  J.  Wiley  &  Sons:  New  York,  1987;  p  447.  (c)  Wimmer, 
E.;  Freeman,  A.  J.;  Fu,  C.-L.;  Cao,  P.-L.;  Chou  S.-H.;  Delley,  B.  In  Super¬ 
computer  Research  in  Chemistry  and  Chemical  Engineering;  Jensen,  K.  F., 
Truhlar,  D.  G.,  Eds.;  ACS  Symp.  Ser.;  American  Chemical  Society:  Wash¬ 
ington,  DC,  1987;  p  49.  (d)  Jones,  R.  O.;  Gunnarsson,  O.  Rev.  Mod.  Phys. 
1989,  61,  689. 

(27)  Delley,  B.  J.  Chem.  Phys.  1990,  92,  508.  DMol  is  available  com¬ 
mercially  from  BIOSYM  Technologies,  San  Diego,  CA. 

(28)  This  grid  can  be  obtained  by  using  the  FINE  parameter  in  DMol. 

(29)  von  Barth,  U.;  Hedin,  L.  J.  Phys.  Chem.  1972,  J.  1629. 
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Table  III.  Final  Temperature  Factors  for  N2F+AsF6“ 


atom 

10  *u22 

io4t/„ 

io*i/12 

1 0*17,3 

1  o*t/23 

Asl 

416  (5) 

331  (5) 

333  (4) 

0(0) 

9(4) 

0(0) 

F2 

745  (16) 

935  (17) 

659  (16) 

0(0) 

312  (15) 

0(0) 

F3 

1220  (16) 

1407  (17) 

1240  (16) 

715  (16) 

301  (15) 

716  (16) 

N4 

723  (18) 

440  (17) 

532 (17) 

0(0) 

146  (17) 

0(0) 

X5“ 

655  (17) 

750  (17) 

809  (17) 

0(0) 

7  (16) 

0(0) 

"X  is  the  disordered  terminal  atom  (50%  N/50%  F)  of  the  [N2F]  +  cation  in  space  group  C2/m. 


Table  IV.  Bond  Distances  (A)  and  Bond  Angles  (deg)  in 
[N2F]+[AsF6l- 


Asl-F2 

1.696  (4) 

F2'-Asl-F3 

90.8  (2) 

Asl-F3 

1.686  (4) 

F3-Asl-F3' 

180.0  (0) 

N4-X5 

1.158  (6) 

F3-Asl-F3" 

90.0  (2) 

F2-Asl-F3 

F2-Asl-F2' 

89.2  (2) 

180.0  (0) 

F3'-Asl-F3" 

F3"-Asl-F3'" 

X5-N4-X5' 

90.0  (2) 
180.0  (0) 
180.0  (0) 

were  determined  by  numerical  differentiation  of  the  gradient.  A  two- 
point  difference  formula  was  used  and  a  displacement  of  0.01  au. 


Results  and  Discussion 

Trans-Cis  Isomerization  of  N2F2  and  the  Synthesis  of  N2F* 
Salts.  Most  of  the  known  N2F2  syntheses  produce  exclusively  the 
trans  isomer.1  Since  the  trans  isomer  is  much  less  reactive  than 
the  cis  isomer  and,  for  example,  does  not  form  N2F+  salts,  con¬ 
version  of  the  trans  to  the  cis  isomer  is  often  required.  This 
trans-cis  isomerization  is  usually  quite  erratic.  Although  it 
proceeds  at  room  temperature  in  stainless  steel,  it  often  exhibits 
long  and  irreproducible  induction  periods  and  requires  numerous 
months  to  go  to  completion.  This  isomerization  can  be  accelerated 
by  increasing  the  temperature;  however,  the  yields  of  c/s-N2F2 
sharply  decrease  at  elevated  temperature  due  to  decomposition 
of  N2F2  to  N2  +  F2.30  In  our  study,  aimed  at  the  isomerization 
of  N2F2  and  its  subsequent  conversion  to  NjF+AsFff,  it  was  found 
advantageous  to  combine  the  /ranr-N2F2  with  an  excess  of  AsF5 
in  a  prepassivated,  small  volume  stainless  steel  cylinder  and  to 
carry  out  the  isomerization  at  about  70  °C.  In  this  manner,  any 
c/j-N2F2  formed  is  immediately  removed  from  the  cis-trans 
equilibrium  by  complexation  and  thereby  protected  against  de¬ 
composition  to  N2  and  F2.  In  this  manner,  yields  of  N2F+AsF6“ 
as  high  as  80%  have  been  obtained  from  /rn/w-N2F2  in  3  days  at 
70  °C. 

It  was  also  of  interest  to  study  which  N2F2  isomer  is  formed 
in  the  displacement  reactions  of  N2F+AsF6"  with  a  strong  Lewis 
base,  such  as  FNO.  It  was  found  that  exclusively  m-N2F2  is 
formed  in  quantitative  yield  according  to 

N2F+AsF6-  +  FNO  —  NO+AsF6-  +  m-N2F2 


Recent  ab  initio  calculations3  on  the  transition-state  structure 
for  the  N2F2  trans-cis  isomerization  resulted  in  the  proposition 
of  structure  I.  A  similar  transition  state  might  be  expected  for 
a  fluoride  abstraction  from  «'j-N2F2  (III)  by  a  strong  Lewis  acid 
leading  to  the  N2F+  cation  (II). 


These  results  suggested  that  Lewis  acids  which  are  capable  of 
forming  N2F+  salts  might  also  promote  the  formation  of  the 
isomerization  transition  state  and  thereby  catalyze  the  N2F2 
trans-cis  isomerization.  In  order  to  be  an  effective  isomerization 
catalyst,  the  strength  of  the  Lewis  acid  should  be  such  that  it 
interacts  with  N2F2  but  does  not  form  a  stable  complex  at  the 
desired  isomerization  temperature.  To  test  the  validity  of  this 


(30)  Pankratov,  A.  V.;  Sokolov,  O.  M.  Russ.  J.  lnorg.  Chem.  1966,  1  /, 
943. 


approach,  we  have  studied  the  interaction  of  cis- N2F2  with  BF3 
and  PF5.  It  was  found  that  the  resulting  N2F2  adducts  are  indeed 
labile  enough  and  exhibit  some  dissociation  pressure  at  temper¬ 
atures  as  low  as  -78  °C.  However,  both  PF5  and  BFj  did  not 
catalyze  the  isomerization  of  /rans-N2F2  to  c/s-N2F2  in  the  tem¬ 
perature  range  of  -78  to  25  °C. 

Thus,  the  chemistry  of  N2F2  raises  numerous  puzzling  questions 
for  which,  to  our  best  knowledge,  no  satisfactory  answers  have 
previously  been  given.1  Among  these  questions  are  the  following: 

(i)  why  does  only  c/s-N2F2,  but  not  tram-N2F2  form  N2F+  salts, 

(ii)  why  do  Lewis  acids  not  catalyze  the  N2F2  trans-cis  isomer¬ 
ization,  and  (iii)  why  is  the  c/s-N2F2  isomer  exclusively  formed 
in  the  displacement  reaction  between  N2F+  salts  and  FNO? 

The  great  difference  in  reactivity  between  cis-  and  r/wts-N2F2 
cannot  be  due  to  differences  in  thermodynamic  properties  or  bond 
strengths  because  these  values  are  very  similar  for  both  molecules.1 
Therefore,  the  difference  in  reactivity  should  be  connected  with 
the  different  spatial  arrangement  of  the  fluorine  ligands  and  the 
free  valence  electron  pairs  on  nitrogen.  With  use  of  a  semi- 
empirical  molecular  orbital  model,  the  bonding  in  N2F2  can  be 
described  by  two  sp2-hybridized  nitrogen  atoms  resulting  in  one 
N-N  and  two  N-F  c-bonds  and  two  sterically  active,  free  valence 
electron  pairs  on  the  two  nitrogens.  In  addition,  the  remaining 
p  orbitals  on  the  nitrogen  atoms  form  a  [p— p]  7r-bond  perpendicular 
to  the  plane  of  the  sp2  hybrids.  In  linear  N2F+,  the  two  nitrogens 
form  a  [sp-sp]  a-bond  and  two  perpendicular  [p— p]  ir-bonds. 


When  a  Lewis  acid,  such  as  AsF5,  approaches  a  m-N2F2 
molecule,  one  of  the  fluorine  ligands  and  hereby  some  electron 
density  is  pulled  away  from  the  remainder  of  the  molecule.  This 
results  in  an  intermediate  similar  to  the  transition  state  (I)  of  the 
N2F2  trans-cis  isomerization.  This  removal  of  electron  density 
from  one  of  the  nitrogen  atoms  should  result  in  the  lowering  of 
the  electron  density  in  the  antibonding  orbitals  of  the  two  free 
valence  electron  pairs  on  the  two  nitrogens.  This  enables  them 
to  form  a  partial  triple  bond,  as  demonstrated  by  the  shortening 
of  the  N-N  bond  from  1.21  A  in  c/s-N2F2  (III)  to  1.15  A  in  the 
postulated  trans-cis  isomerization  transition  state  (I).  Therefore, 
the  energy  required  for  the  elongation  of  one  of  the  N-F  bonds 
in  I  can  be  compensated  for  by  the  simultaneous  formation  of  a 
partial  N=N  triple  bond  thereby  resulting  in  a  very  low  energy 
barrier  toward  N2F+  formation.  However,  the  formation  of  such 
a  partial  N=N  triple  bond  should  be  possible  only  for  c/s-N2F2, 
i.e.  when  the  two  free  valence  electron  pairs  on  the  nitrogens  are 
on  the  same  side  of  the  molecule  and  can  overlap.  In  f/ww-N2F2, 
migration  of  a  nitrogen  free  valence  electron  pair  from  one  side 
of  the  molecule  to  the  other  is  blocked  in  the  N2F2  plane  by  the 
fluorine  ligands  and  in  the  perpendicular  plane  by  the  [p— p] 
ir-bond.  Furthermore,  the  N=N  double  bond  in  N2F2  does  not 
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permit  free  rotation  around  the  N-N  axis.  Therefore,  NjF*' 
formation  from  rraru-N2F2  should  be  a  high  activation  energy 
process  requiring  almost  complete  removal  of  one  fluoride  ion  from 
N2F2,  before  the  FNN  angle  in  the  remaining  FN2  fragment 
becomes  large  enough  for  the  nitrogen  free  electron  pair  to  tunnel 
through  to  the  other  side  and  form  the  second  7r-bond. 

This  rationale  explains  not  only  why  /rww-N2F2  does  not  form 
N2F+  salts  but  also  why  Lewis  acids  do  not  catalyze  the  N2F2 
trans-cis  isomerization.  As  already  pointed  out  above,  the 
structure  of  the  isomerization  transition  state  closely  resembles 
that  of  an  expected  intermediate  in  the  N2F+  formation.  If  Lewis 
acids  cannot  abstract  an  F~  anion  from  /ra/tr-N2F2,  it  is  then  not 
surprising  at  all  that  they  also  do  not  promote  the  formation  of 
the  isomerization  transition  state. 

The  third  question  remaining  to  be  answered  was  why  in  the 
FNO  displacement  reaction  of  N2F+AsF6“  exclusively  the  m-N2F2 
isomer  is  formed.  In  N2F+,  the  most  important  resonance  structure 
is  [F — N+=N|]  and,  therefore,  the  formal  positive  charge  resides 
mainly  on  the  «-nitrogen  atom.  Furthermore,  the  free  valence 
electron  pair  on  the  /3-nitrogen  atom  is  more  diffuse  than  the  N-F 
bond  pair  orbitals.  Consequently,  the  attack  of  F"  on  NjF1'  should 
occur  at  the  a-nitrogen  atom  resulting  in  the  formation  of  an 
intermediate  F2N=N  molecule.  The  latter  could  easily  undergo 
an  a-fluorine  migration  to  give  FNNF. 


Since  in  all  these  steps  a  [p-p]  rr-bond  between  the  two  nitrogens 
is  always  retained,  free  rotation  around  the  N-N  axis  is  precluded 
and  the  rearrangement  of  the  fluorine  atoms  and  the  nitrogen  free 
valence  electron  pairs  must  take  place  in  the  plane  perpendicular 
to  the  N-N  jr-bond.  Therefore,  the  sequence  of  the  fluorine 
ligands  and  the  nitrogen  free  electron  pairs  in  F2N=N  (F,F,P.P) 
must  also  be  retained  in  FNNF,  resulting  exclusively  in  the  cis- 
FNNF  isomer.  The  general  ease  of  this  type  of  ^-migration  could 
explain  the  failure  to  isolate  the  intermediate  F2N=N  isomer. 

Structure  of  the  N2F+  Cation.  The  crystal  structure  of 
N2F+  AsF6"  can  be  solved  either  in  the  non-centrosymmetric  space 
groups  Cm  or  C2  with  ordered  or  disordered  N2F+  cations,  re¬ 
spectively,  or  the  centrosymmetric  space  group  Cl/m  with  dis¬ 
ordered  N2F+  cations.  All  three  models  resulted  in  acceptable 
agreement  factors  (Cm,  R  =  2.96%;  C2,  R  =  2.68%;  C2/m,  R 
—  4.04%)  which  to  some  extent  are  influenced  by  the  number  of 
variable  parameters  (Cm,  53;  C2, 46;  C2/m,  30).  The  Cm  model 
resulted  in  an  ordered  almost  linear  N2F+  cation  (rNF  =  1.221 
(13)  A,  rNN  =  1.099  (13)  A,  ZNNF  =  177.2  (8)°)  and  a  strongly 
distorted  AsF6~  anion  with  angles  deviating  by  as  much  as  1 1.5° 
from  those  of  an  ideal  octahedron.  The  C2  model  resulted  in  a 
disordered  bent  N2F+  cation  (X>NF  +  r^N  =  2.342  (22)  A,  ZNNF 
=  163.6  (12)°)  and  again  a  strongly  distorted  AsF6“  anion  with 
angles  deviating  by  as  much  as  13.8°  from  Oh  symmetry.  The 
Cl/m  model  resulted  in  a  disordered  linear  N2F+  cation  (2>NF 
+  rNN  =  2.316  (12)  A)  and  an  AsF6~  anion  which  within  ex¬ 
perimental  error  is  perfectly  octahedral.  Since  the  Raman  spectra 
of  N2F+AsF6”  crystals  are  in  perfect  agreement  with  Ok  symmetry 
(only  three  narrow  bands  at  689  (k,,  AIg),  576  (i/2,  Eg),  and  376 
cm'1  (v5,  Ft*)  with  half  widths  of  10  cm'1  or  less  at  25  °C),  models 
Cm  and  C2  must  be  rejected  in  spite  of  their  lower  R  factors.  This 
situation  closely  resembles  that  in  isotypic  NS2+AsF6~  for  which 
the  alternate  Cm  and  C2  models  could  also  be  rejected  on  the  basis 
of  the  observed  vibrational  spectra.31  The  packing  diagram  for 
N2F+AsF6"  is  shown  in  Figure  1.  The  AsF6"  anions  occupy  the 
corners  of  the  cell  and  the  centers  of  the  ab  faces,  while  the  NX2 
cations  occupy  the  remaining  faces  of  the  cell. 

As  pointed  out  already  in  the  introduction,  a  knowledge  of  the 
exact  N-F  and  N-N  bond  distances  in  NjF*  is  of  great  interest. 


(31)  Johnson,  J.  P.;  Passmore,  J.;  White,  P.  S.;  Banister,  A.  J.;  Kendrick, 
A.  G.  Acta  Cryst.  Part  C  1987,  C4i,  1651. 
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Figure  1.  A  unit  cell  plot  of  N2F+AsF4'  viewed  down  the  c  axis.  In 
addition  to  the  mirror  plane,  2-fold  rotational  axes  pass  through  Asl 
(bisecting  the  F3-Asl-F3"  angle)  and  N4  (perpendicular  to  the  X5- 
N4-X5'  axis).  The  N2F+  cation  is  required  by  symmetry  to  be  disor¬ 
dered,  with  the  terminal  X5,  X5'  positions  being  occupied  equally  by  N 
and  F  atoms.  This  packing  disorder  causes  the  NX2  cation  to  be  linear 
and  symmetric,  and  the  central  nitrogen  atoms  to  be  elongated  along  the 
molecular  axis. 


Table  V.  Calculated  and  Experimental  Bond  Distances  (A)  and 
Vibrational  Frequencies  (cm-1)  for  FCN 


expt 

ealed  (LDF) 

rC—N 

1.159 

1.169 

rC—F 

1.262 

1.274 

C=N  stretch 

2323 

2355 

C — F  stretch 

1077 

1081 

F — C=N  bend 

451 

465 

Since  the  above  crystal  structure  determination  provides  only  a 
value  for  the  sum  of  the  N-F  and  N-N  bond  lengths,  a  reliable 
method  was  sought  to  partition  this  sum  into  its  individual  com¬ 
ponents.  This  partitioning  was  achieved  by  local  density  functional 
(LDF)  calculations  providing  both  the  geometry  and  the  vibra¬ 
tional  frequencies. 

The  accuracy  of  the  LDF  calculations  was  tested  for  FCN 
which  is  isoelectronic  with  FNN+  and  for  which  both  the  geom¬ 
etry32  and  the  vibrational  frequencies33  are  well-known  (see  Table 
V).  As  expected  from  a  number  of  studies,34  the  LDF  method 
slightly  overestimates  the  bond  distances  and  vibrational  fre¬ 
quencies  but  otherwise  excellently  reproduces  the  experimental 
values  (see  Table  V).  Similarly,  LDF  calculations  for  the  di¬ 
nitrogen  molecule,  N2,  resulted  in  a  bond  length  value  (1.1 13  A) 
only  slightly  longer  than  the  experimental  one  (1.098  A).35 

The  results  of  the  LDF  calculations  for  N2F+  are  summarized 
in  Table  VI.  As  expected,  the  N2F+  cation  is  linear  and  the  bond 


(32)  Harmony,  M.  D.;  Laurie,  V.  W.;  Knczkowski,  R.  L.;  Schwendeman, 
R.  H.;  Ramsay,  D.  A.;  Lovas,  F.  J.;  Lafferty,  W.  J.;  Maki,  A.  G.  J.  Phys. 
Chem.  Ref.  Data  1979,  8,  619,  see  p  640. 

(33)  Shimanouchi,  T.  J.  Phys.  Chem.  Ref.  Data  1977,  6,  993. 

(34)  (a)  Dixon,  D.  A.;  Andzelm,  A.;  Fitzgerald,  Wimmer,  E.;  Delley,  B. 
Science  and  Engineering  on  Cray  Supercomputers,  Proceedings  of  the  Fifth 
International  Symposium,  Cray  Research,  Minneapolis,  MN,  1990.  (b) 
Dixon,  D.  A.;  Andzelm,  A.;  Fitzgerald,  Wimmer,  E.;  Jasien,  P.  In  Theory  and 
Applications  of  Density  Functional  Approaches  to  Chemistry,  Labanowski, 
J.,  Ed.,  in  press. 

(35)  Huber,  K.  P.;  Herzberg,  G.  Constants  of  Diatomic  Molecules;  Van 
Nostrand  Reinhold:  New  York,  1979. 
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Table  VI.  Calculated  and  Experimental  Bond  Distances  (A)  and  Vibrational  Frequencies  (cm'1)  for  FNN+ 


expt 

ealed  (LDF) 

LDF 

LDFS1 

LDFS2 

SCF  6-31G*° 

MP-2  6-31G*° 

rN—N 

(1 .099)* 

1.121 

1.111 

1.106 

1.072 

1.138 

^N-F 

(1.217)* 

1.248 

1.236 

1.225 

1.240 

1.256 

2>N-N  +  'N- 

-F 

2.316  (12) 

2.369 

2.347 

2.331 

2.312 

2.394 

N==N  stretch 

2373 

2409 

N — F  stretch 

1059 

1100 

F — N=N  bend 

388 

438 

*  Data  from  ref  11. 

‘Values  obtained  by  partitioning  the  experimentally  measured  sum  of  rN_N 

+  rN_F  according  to  their  ratio  in  LDFS2. 

lengths  are,  as  for  isoelectronic  FNC,  slightly  too  long.  To  obtain 
better  estimates  for  the  actual  bond  lengths,  the  LDF  values  can 
be  scaled  in  the  following  manner.  Using  the  scaling  factors  from 
the  FCN  calculations,  one  obtains  the  values  labeled  LDFS1. 
Using  the  N2  results  for  scaling  rN.N  and  the  NF4+  results  for 
scaling  rN_F  (r N_F,  LDF  =  1.324  A,36  experimental  =  1.297  A14), 
one  obtains  the  values  labeled  LDFS2.  The  sum  of  rN.N  and  rN_F 
of  LDFS2  (2.331  A)  is  very  close  to  that  obtained  from  the  crystal 
structure  determination  (2.316  A).  If  one  partitions  the  exper¬ 
imentally  determined  sum  of  r N_N  +  rN_F  in  the  same  ratio  as  that 
in  LDFS2,  final  values  of  1.217  and  1.099  A  are  obtained  for  rN_F 
and  rN_N,  respectively,  in  NjF4"  (see  Table  VI).  The  close 
agreement  between  these  values  and  those  (rNF  =  1.221  A,  rNN 
=  1 .099  A)  obtained  by  the  rejected  Cm  model  with  ordered  N2F+ 
cations  (see  above)  might  be  fortuitous. 

Of  the  previously  calculated10-12  N-N  and  N-F  bond  lengths 
for  N2F+,  the  SCF6-31G*and  MP-2  6-31G*  values  of  Peters11 
(see  Table  VI)  come  the  closest  to  the  values  from  this  study  but 
appear  to  either  underestimate  or  overestimate  the  rN_N  value. 
When  comparing  the  calculated  LDF  vibrational  frequencies  of 
N2F+  with  the  observed  ones  (see  Table  VI),  the  agreement  is 
very  satisfactory,  particularly  if  it  is  kept  in  mind  that  the  LDF 
values  are  unsealed,  harmonic,  gas-phase  frequencies  and  the 
experimental  values  are  anharmonic,  solid-state  frequencies. 

As  shown  above,  the  N2F+  cation  is  linear.  This  result  confirms 
a  recent  theoretical  study12  which  concluded  that,  contrary  to  P2F*\ 
for  N2F+  the  linear  structure  is  favored  by  about  50-60  kcal 
over  the  symmetric,  three-membered-ring  structure  of  symmetry 
C^.  As  already  pointed  out  in  the  introduction,  the  most  inter¬ 
esting  aspect  of  the  NjF4,  structure  is  its  N-F  bond  distance.  This 
distance  of  1.22  A  is  by  far  the  shortest  distance  found  to  date 
for  any  N-F  bond.  The  previously  known  range  for  N-F  bonds 
extended  from  1.512  A  in  FNO  to  1.30  A  in  NF4+.13,14  The  value 
of  1.22  A  found  for  N2F+  is  in  good  agreement  with  the  value 
of  1.24  A  estimated  from  a  force  field  calculation9  and  force 
constant-bond  distance  plot  extrapolations.11,13  The  excellent 
agreement  between  our  experimental  value  and  the  value  ex¬ 
trapolated  from  the  stretching  force  constant  demonstrates  that 
N2F+  conforms  with  Gordy’s  rule.15 

The  nitrogen-nitrogen  bond  distance  in  N2F+  is  also  of  interest. 
Its  value  of  1 .099  A  is  comparable  to  those  of  1 .0976  (2)  A26  in 
N2  and  1.1 18  A  in  N2+38  and  confirms  its  triple  bond  character. 
Thus  the  N2F+  cation  is  highly  unusual.  It  possesses  by  far  the 
shortest  known  N-F  -bond  while  at  the  same  time  exhibiting  an 
N-N  bond  length  comparable  to  the  shortest  known  N-N  bond. 
How  can  these  unusually  short  bond  distances  be  explained?  It 
is  tempting  to  invoke  partial  double  bond  character  for  the  N-F 
bond  by  writing  the  following  resonance  structures: 

[IF-N  =  Nlf  — —  ['f=N=n)]+ 

If,  however,  the  N-F  bond  assumes  partial  double  bond  character, 
the  N=N  bond  must  lose  some  of  its  strength  and  lengthen 
accordingly.  This  is  not  the  case,  as  evidenced  by  the  short  N=N 
bond  of  1.099  A  in  N2F+. 


(36)  Dixon,  D.  A.;  Christe,  K.  O.  Unpublished  work. 

(37)  Wilkinson,  P.  G.  J.  Astrophys.  1957,  126,  I. 

(38)  Wilkinson,  P.  G.  Can.  J.  Phys.  1956,  34,  250. 

(39)  Tables  of  Interatomic  Distances  and  Configuration  in  Molecules  and 
Ions;  The  Chemical  Society:  London,  1958;  Special  Publication  No.  11. 


Table  VII.  Influence  of  Hybridization  on  Bond  Lengths  (A)  in 
Carbon  and  Nitrogen  Compounds 


CH4  (sp3) 

H2C=CH2  (sp2) 

HC==CH  (sp) 

rC-H 

1.094“ 

1.085° 

1.061° 

CF4  (sp3) 

F2C=CF2  (sp2) 

FC^N  (sp) 

,C-F 

1.323* 

1.313* 

1.262° 

nf4+ 

[FN=NF2]+ 

■f 

z 

ill 

Z 

u. 

t*N-F 

1.30“ 

7 

1.22* 

°  Data  from  ref  32.  6  Data  from  ref  39.  e Data  from  ref  14.  ‘'This 
work. 


Although  a  formal  positive  charge  and  other  highly  electro¬ 
negative  ligands  generally  tend  to  increase  the  strength  of  an  X-F 
bond,  this  effect  alone  is  insufficient  to  explain  the  unusually  short 
N — F  and  N=N  bonds  in  N2F+.  For  example,  the  N — F  bond 
in  NF4+  still  has  a  value  of  1.30  A,14  in  spite  of  a  formal  positive 
charge  and  three  additional  fluorine  ligands  which  should  be  more 
electronegative  than  the  nitrogen  ligand  in  N=NF+. 

The  most  plausible  explanation  for  the  shortening  of  the  N-F 
bond  in  N2F+,  compared  to  NF4+,  is  the  change  in  hybridization 
of  the  nitrogen  molecular  orbitals.  From  carbon  chemistry  it  is 
well-known  that  the  C-H  and  C-F  bond  lengths  significantly 
decrease  with  increasing  s-character  of  the  carbon  molecular 
orbital.  Therefore,  a  similar  bond  shortening  should  be  expected 
on  going  from  sp3-hybridized  NF4+  to  sp-hybridized  N=NF+  (see 
Table  VII).  To  our  knowledge,  this  is  the  first  example  of 
hybridization-induced,  dramatic  bond  shortening  outside  of  carbon 
chemistry. 

The  N2F+  Cation  as  an  Oxidative  Fluorinator.  In  view  of  N2 
having  a  higher  ionization  potential  than  Kr,  i.e.  15.576  vs  13.999 
eV,40  and  KrF+  being  the  most  powerful  presently  known  oxidative 
fluorinator,41  it  was  interesting  to  examine  the  oxidative  power 
of  the  N2F+  cation.  For  this  purpose,  the  reactions  of  N2F+AsF6- 
dissolved  in  anhydrous  HF,  were  studied  at  25  °C  with  the  fol¬ 
lowing  substrates:  C1F5,  BrF5,  IF},  XeF4,  Xe,  CIF.  02,  and  NF3. 
The  KrF*  cation  is  capable  of  oxidizing  all  of  these  substrates 
under  comparable  reaction  conditions.  For  example,  HalF5  is 
oxidized  to  HalF6+  salts,  XeF4  to  XeF5+,  02  to  02+,  and  NF3  to 
NF4+.41  In  the  case  of  N2F+  the  only  substrates  oxidized  were 
Xe  and  CIF  according  to 

_ ...  N2F+AsF6"  +  Xe  XeF+AsF6"  +  N2 

N2F+AsF6-  +  CIF  —  CIF2+AsF6-  +  N2 

The  first  reaction  was  briefly  mentioned  in  a  previous  paper,42 
but  no  experimental  details  were  given. 

To  examine  whether  fiuorination  reactions  with  N2F+  might 
benefit  from  elevated  temperatures,  N2F+AsF6“  was  heated  with 
a  large  excess  of  either  C1F5  or  BrF5  in  a  small  ullage  stainless 
steel  cylinder,  in  the  absence  of  HF,  to  70  °C  for  3  days.  Again, 
no  evidence  for  the  formation  of  either  C1F6+  or  BrF6+  was  de¬ 
tected.  In  the  case  of  C1F5,  however,  a  small  amount  of  the  N2F+ 
starting  material  was  fluorinated  by  C1F5  to  N2F3+.  A  detailed 


(40)  CRC  Handbook  of  Chemistry  and  Physics,  60th  ed.;  CRC  Press: 
Boca  Raton,  FL,  1979. 

(41)  Christe,  K.  O.;  Wilson,  W.  W.;  Wilson,  R.  D.  Inorg.  Chem.  1984,  23, 
2058. 

(42)  Stein,  L.  Chemistry  1974,  47,  15. 
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analysis  of  the  factors  determining  the  relative  strength  of  an 
oxidative  fluorinator  will  be  given  in  a  separate  paper.43 
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Abstract:  Tetramethylammonium  azide,  N(CH3)4+N3-,  was  obtained  in  high  purity  and  quantitative  yield  by  the  reaction 
of  N(CH3)4+F"  with  Si(CH3)3N3  in  CH3CN  solution.  This  compound  is  isostructural  with  N(CH3)4+HF2-  and  crystallizes 
in  the  orthorhombic  system:  space  group,  Pmn2t  (No.  31);  a  =  6.879  (5)  A;  b  =  5.479  (4)  A;  c  =  8.858  (7)  A;  Z  =  2;  R(F) 
-  0.0388.  Its  N3"  anion  is  symmetric  and  linear  and  the  N(CH3)4+  cation  is  somewhat  distorted  from  tetrahedral  symmetry 
due  to  crystal  packing  effects.  The  infrared  and  Raman  spectra  of  N(CH3)4+N3-  were  also  recorded.  The  symmetric  stretching 
mode  of  N3~  exhibits  the  pronounced  frequency  decrease  expected  for  increasing  ionicity  with  increasing  cation  size.  A  study 
of  the  HN3-MF  systems  [M  =  Na,  K,  Rb,  Cs,  N(CH3)4]  revealed  some  unexpected  chemistry.  Even  at  -80  °C,  HN3  displaces 
P  from  MF  with  formation  of  equimolar  amounts  of  M+N3“  and  HF.  The  latter  reacts  with  MF  to  give  M+HF2".  On  the 
other  hand,  HF  quantitatively  displaces  N3-  from  MN3  with  formation  of  HN3  and  M+HF2\  This  apparent  discrepancy  can 
be  explained  by  the  vast  difference  in  basicity  between  P  and  HF2-.  Attempts  to  isolate  stable  F-H-N3-  or  N3-H-N3~  anions 
from  HN3  and  either  MF  or  MN3,  respectively,  were  unsuccessful. 


Introduction 

Although  tetramethylammonium  azide,  N{CH3)4+N3",  had 
been  known1  since  1918,  only  very  little  information  has  since  been 
reported2-6  for  this  interesting  compound.  According  to  the 
previous  reports,1-6  the  compound  was  prepared  by  either  the 
reaction  of  N(CH3)4I  with  AgN3  (1)  in  either  water1  or  anhydrous 

N(CH3)4I  +  AgN3  -  N(CH3)4N3  +  Agli  ( 1 ) 

ethanol4  or  the  neutralization3-5-6  of  N(CH3)4OH  with  aqueous 
HN3  (2).  Both  preparations  involve  the  use  of  shock-sensitive 

N(CH3)4OH  +  HN3  —  N(CH3)4N3  +  H2Oi  (2) 

starting  materials,  i.e.  AgN3  and  HN3,  and  suffer  from  solubility 
and  purification  problems.  No  structural  or  spectroscopic  data 
had  previously  been  reported  for  N(CH3)4N3,  except  for  partial 
vibrational  spectra.6  In  this  paper,  we  report  an  improved  synthesis 
for  N(CH3)4N3  and  its  crystal  structure  and  vibrational  spectra. 

Experimental  Section 

Caution!  Hydrazoic  acid  is  shock  sensitive  when  undiluted,  and  ap¬ 
propriate  shielding  and  safety  precautions  must  be  used  when  working 
with  this  compound. 

Materials.  CH3CN  (Baker,  Bio-analyzed,  having  a  water  content  of 
40  ppm)  was  treated  with  P2Os  and  freshly  distilled  prior  to  use,  thereby 
reducing  its  water  content  to  <4  ppm.  The  synthesis  of  N(CH3)4F  has 
previously  been  described.7  Si(CH3)3N3  (Petrarch)  was  distilled  prior 
to  use.  Hydrazoic  acid  was  generated  from  NaN3  and  stearic  acid  at 
about  1 10  °C,  as  previously  described.8  Dry  KF,  RbF,  and  CsF  were 
obtained  by  fusing  these  materials  in  a  platinum  crucible  and  transferring 
the  resulting  clinkers  into  a  drybox  while  still  hot.  The  RbF  single  crystal 
(Semi- Elements,  Inc.),  used  for  the  low-temperature  infrared  study,  was 
freshly  cleaved  with  a  razor  blade  in  the  drybox  and  then  mounted  in  a 
dry  N2  atmosphere  into  the  tip  of  an  Air  Products  Model  DE  202S 
helium  refrigerator  equipped  with  external  Csl  windows.  The  HF 
(Matheson)  was  dried  by  storage  over  BiFs.9 

Apparatus.  Volatile  materials  were  handled  either  in  a  flamed-out 
Pyrex  vacuum  line  equipped  with  Kontes  Teflon  valves,  in  a  stainless-steel 
vacuum  line  equipped  with  Teflon-FEP  U-traps,10  or  in  the  dry  nitrogen 
atmosphere  of  a  glovebox.  Solids  were  manipulated  exclusively  in  the 
drybox. 

Raman  spectra  were  recorded  on  either  a  Cary  Model  83  or  a  Spex 
Model  1403  spectrophotometer  by  use  of  the  488-nm  exciting  line  of  an 
Ar  ion  or  the  647.1-nm  line  of  a  Kr  ion  laser,  respectively.  Baked-out 
Pyrex  melting  point  capillaries  were  used  as  sample  holders.  Infrared 
spectra  were  recorded  as  KBr  disks  on  a  Perkin-Elmer  Model  283 


’  Dedicated  to  Prof.  Alois  Haas  on  the  occasion  of  his  60lh  birthday. 
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Table  I.  Summary  of  Crystal  Data  and  Refinement  Results  for 
N(CH3)4+N3-  _ 


space  group 

Pmn2l  (No.  31) 

a  (A) 

6.879  (5) 

b  (A) 

5.479  (4) 

c  (A) 

8.858  (7) 

V  (A3) 

333.9  (7) 

molecules/unit  cell 

2 

formula  weight  (g/mol) 

116.2 

crystal  dimens  (mm) 

0.28  x  0.34  x  0.88 

calcd  density  (g  cm-3) 

1.156 

wavelength  (A)  used 

0.71069 

for  data  colleen 

sin  (0/X)  limit  (A-1) 

0.6497 

total  no.  of  reflecns  measured 

1469 

no.  of  independent  reflecns 

762 

no.  of  reflecns  used  in 

427 

structural  analysis, 

/  >  3 a(l) 

no.  of  variable  params 

77 

final  agreement  factor 

R(F)  =  0.0388 

R.(F)  =  0.0359 

spectrophotometer.  The  KBr  disks  were  pressed  in  a  Wilks  minipress  and 
left  in  the  press  for  the  recording  of  the  spectra.  The  spectra  obtained 
in  this  manner  were  identical  with  those  obtained  for  pressed  AgCl  disks, 
indicating  that  no  reaction  between  KBr  and  N(CH3)4N3  had  occurred 
during  the  pressing  operation.  The  cryostat  used  for  the  low-temperature 
infrared  studies  has  previously  been  described." 

Synthesis  of  N(CH3)4N3.  A  solution  of  Si(CH3)3N3  (29.92  mmol)  in 
15  mL  of  CH3CN  was  slowly  added  in  a  dry  atmosphere  to  N(CH3)4F 
(24.10  mmol)  dissolved  in  29  mL  of  CH3CN.  In  a  mildly  exothermic 
reaction,  a  white  precipitate  was  formed  instantaneously.  The  mixture 
was  agitated  for  about  10  min,  and  then  all  volatile  material  was  pumped 
off  at  room  temperature.  The  white  solid  residue  (2.794  g;  weight  cal¬ 
culated  for  24.10  mmol  of  N(CH3)4N3  =  2.797  g,  corresponding  to  a 
99.9%  yield)  was  identified  by  vibrational  spectroscopy  and  a  crystal 
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Table  II.  Bond  Distances  (A)  for  N(CH3)4+N3~ 


N1-N2 

1.155 

(5) 

C5-H9 

0.944 

(10) 

N2-N3 

1.176 

(5) 

C5-H11 

0.961 

(10) 

N4-C5 

1.496 

(2) 

C6-H10 

1.046 

(10) 

N4-C6 

1.470 

(7) 

C6-H14 

0.981 

(8) 

N4-C7 

1.529 

(7) 

C7-H12 

1.001 

(8) 

C5-H8 

1.030 

(7) 

C7-H13 

0.990 

(U) 

ht 


Figure  1.  View  of  the  molecular  N(CH3)4N3  unit  showing  the  positions 
and  labeling  of  the  hydrogen  atoms  and  the  crystallographic  mirror  plane. 


M* :  small  intermediate:  larce 


Figure  2.  Packing  in  azides  and  bifluorides  as  a  function  of  the  cation 
size. 

structure  determination  as  N(CH3)4N3.  Its  decomposition  point  was 
found  to  be  255  °C. 

Crystal  Structure  of  N(CH3)4N3.  Single  crystals  of  N(CH3)4N3  were 
grown  from  a  hot  CH3CN  solution.  A  suitable  crystal  was  selected  under 
the  microscope  and  sealed  in  a  glass  capillary  because  the  compound 
diliquesces  slowly,  and  intensity  data  were  collected  at  room  temperature 
on  a  Nicolet/Syntex  P2,  automated  four  circle  diffractometer,  with  Mo 
Ka  radiation  and  a  graphite  crystal  monochromator.  The  unit  cell  pa¬ 
rameters  were  determined  by  least-squares  refinement  of  15  centered 
reflections.  Data  were  collected  with  the  w-scan  technique  for  all  re¬ 
flections  such  that  4.0°  <29  <  55.0°.  Throughout  the  data  collection, 
three  reflections  were  monitored  periodically  and  no  decay  was  observed. 
A  set  of  1469  intensity  values,  representing  a  hemisphere  of  data,  was 
collected  and  the  four  equivalent  octants  were  merged  to  give  a  total  of 
427  unique  reflections.  The  R  factor  for  averaging  was  1.8%.  The 
positions  of  the  non-hydrogen  atoms  were  obtained  by  direct  methods 
using  the  computing  package  SHELX-86.12  The  hydrogen  atoms  were 
later  located  from  a  difference  Fourier  map.  The  structure  was  then 
refined  to  final  agreement  factors  of  R(F)  =  3.88%  and  R,(F)  =  3.59%, 
using  427  reflections  with  /  >  2 <r(/).  In  the  least-squares  refinement,  the 
H  atoms  were  also  varied  and  were  assigned  equal  isotropic  temperature 
factors.  Details  of  the  data  collection  parameters  and  other  crystallo¬ 
graphic  information  are  given  in  Table  I,  and  the  final  atomic  coordinates 
and  temperature  factors  are  listed  in  Tables  A  and  B,  respectively,  of 
supplementary  material.  Interatomic  distances  and  angles  are  given  in 
Tables  II  and  III,  respectively.  A  view  of  the  molecular  N(CH3)4N3  unit 
showing  the  positions  and  labeling  of  the  hydrogen  atoms  is  given  in 
Figure  1,  and  the  packing  in  N(CH3)4N3  is  shown  in  Figure  2  for  the 
large  cation  case. 

Reactions  of  HN,  with  MF  (M  =  Na,  K,  Rb,  Cs,  N(CHj)«).  Samples 
of  these  fluorides  were  exposed  at  room  temperature  to  about  100  Torr 
of  HN3  vapor  for  1 2  h.  The  solid  reaction  products  were  weighed  and 
identified  by  infrared  and  Raman  spectroscopy  and  showed  about 
equimolar  amounts  of  Nf  and  HF2'.  No  evidence  for  the  formation  of 
any  new  species,  such  as  F-H-Nf  or  N3-H-N3',  was  observed. 

A  sample  of  HN3  was  condensed  at  12  K  onto  a  RbF  single  crystal 
window.  The  temperature  of  the  window  was  steadily  increased,  and 
infrared  spectra  were  periodically  recorded.  Between  12  and  100  K  the 
spectra  showed  only  solid  HN3,  with  increasing  temperature  causing 
irreversible  band  broadening.  At  130  K  the  HN3  deposit  was  slowly 
pumped  away.  Therefore,  the  pumping  was  interrupted  and  the  RbF 
window,  while  kept  at  190  K,  was  exposed  to  an  HN3-He  mixture  (1:10 

(12)  Sheldrix,  G.  M.  SHELX  System  of  Crystallographic  Programs; 
University  of  Goettingen:  Germany,  1986. 


Table  III.  Bond  Angles  (deg)  for  N(CH3)4+N3“ 


N1-N2-N3 

179.0  (3) 

N4-C7-H12 

106.6  (7) 

C5-N4-C6 

111.8  (4) 

N4-C7-H13 

108.3  (6) 

C5-N4-C7 

107.3  (4) 

H8-C5-H9 

109.6  (9) 

C5-N4-C5' 

109.1  (3) 

H8-C5-H1 1 

109.6  (8) 

C6-N4-C7 

109.3  (2) 

H9-C5-H1 1 

112.0  (7) 

N4-C5-H8 

109.9  (4) 

H10-C6-H14 

109.2  (7) 

N4-C5-H9 

109.2  (6) 

H14-C6-H14' 

116.8  (8) 

N4-C5-H1 1 

106.5  (6) 

H12-C7-H13 

111.0  (7) 

N4-C6-H10 

107.9  (6) 

H12-C7-H12' 

113.1  (9) 

N4-C6-H14 

106.6  (7) 

mole  ratio)  at  a  total  pressure  of  about  35  Torr.  The  infrared  spectrum, 
recorded  at  this  temperature,  showed  only  N3~  and  HF2'  but  no  unreacted 
HNj.  This  indicates  that,  even  at  190  K,  the  reaction  of  RbF  with  HN3 
to  give  RbN3  and  RbHF2  is  fast  and  complete. 

Reactions  of  HF  with  MN3  (M  =  Na,  Cs,  N(CH3)4).  Weighed 
amounts  of  MN3  were  exposed  to  less  than  stoichiometric  amounts  of 
gaseous  HF  for  several  hours  at  room  temperature.  Essentially  all  of  the 
HF  was  consumed,  and  HN3  was  liberated.  The  solid  reaction  products 
were  identified  spectroscopically  as  mixtures  of  MF-nHF  and  unreacted 
excess  MN3. 

For  NaN3,  a  sample  was  treated  at  room  temperature  with  a  31 -fold 
excess  of  liquid  anhydrous  HF.  After  removal  of  the  volatile  products, 
which  consisted  of  a  mixture  of  HF  and  HN3,  the  solid  residue  was 
identified  as  NaHF2. 


Results  and  Discussion 

Synthesis  and  Properties  of  N(CH3)4N3.  The  ready  acess  to 
truly  anhydrous  N(CH3)4F7  combined  with  the  commercial 
availability  of  Si(CH3)3N3  provides  a  convenient  and  safe  synthesis 
(3)  for  N(CH3)4N3.  Using  a  slight  excess  of  Si(CH3)3N3,  N(C- 
H3)4N3  can  be  prepared  in  quantitative  yield  and  excellent  purity. 

N(CH3)4F  +  Si(CH3)3N3 . — ^  ■ 

room  temp 

N(CH3)4N3  +  Si(CH3)3F  (3) 


The  observed  decomposition  point  of  255  °C  is  in  good  agreement 
with  that  previously  reported4  for  a  sample  prepared  from  AgN3 
and  N(CH3)4I  in  C2H5OH  and  recrystallized  from  2-propanol 
but  disagrees  with  that  of  125  °C  originally  reported1  by 
Friedlander.  The  compound  is  a  white,  crystallinic,  nonsensitive, 
and  slightly  hygroscopic  solid.  It  has  little  solubility  in  cold 
CH3CN,  moderate  solubility  in  hot  CH3CN,  and  is  highly  soluble 
in  alcohol  and  water. 

Crystal  Structure  of  N(CH3)4N3.  The  structure  of  N(CH3)4N3 
can  be  derived  from  a  primitive  cubic  CsCl  lattice  which  is  or- 
thorhombically  distorted  by  the  nonspherical  N3“  anions.  The 
packing  in  N(CH3)4N3  is  identical  to  that13  found  for  N(C- 
H3)4HF2,  and  the  two  compounds  are  isotypic.  In  both,  the 
M+HF2-  and  the  M+N3~  series,  the  packings  are  governed  by  the 
ionic  radii  of  the  M+  cations.  For  small  M+  (Li+,  r  =  0.60  A; 
Na+,  r  =  0.95  A),  the  anion  layers  are  stacked  perpendicular  to 
the  M+  layers;  for  intermediate  M+  (K+,  r  =  1.33  A;  Rb+,  r  = 
1.48  A;  Cs+,  r  =  1.69  A),  the  anions  are  oriented  with  their  axes 
parallel  to  the  M+  layers  and  perpendicular-to  each  other;14  and 
for  large  M+  (N(CH3)4+,  r  ==  2.74  A),  the  anions  are  oriented 
with  their  axes  parallel  both  to  the  M+  layers  and  to  each  other 
(see  Figure  2). 

Both  the  tetramethylammonium  cation  and  the  azide  anion  were 
found  to  be  situated  on  crystallographic  mirror  planes.  The 
cationic  mirror  plane  bisects  the  angle  C5-N4-C5'  and  passes 
through  atoms  N4,  C6,  C7,  H10,  and  H13,  while  the  anionic 
mirror  plane  passes  through  all  three  N  atoms  Nl,  N2,  and  N3. 
The  azide  km  refined  to  an  essentially  linear,  symmetrical  structure 
[N1-N2  =  1.155  (5)  A,  N2-N3  =  1.176  (5)  A,  N1-N2-N3  = 
179.0  (3)°],  even  though  there  are  no  symmetry  constraints  that 
require  it  to  be  linear  and  symmetric.  Its  N-N  bond  length  of 
1.16  A  is  comparable  to  those  found  for  other  ionic  azides.14  The 


(13)  Wilson,  W.  W.;  Christe,  K.  O.;  Feng,  J.;  Bau,  R.  Can.  J.  Chem.  1989, 
67,  1898. 

(14)  Choi,  C.  S.  In  Energetic  Materials;  Fair,  H.  D.,  Walker,  R.  F.,  Eds.; 
Plenum  Press:  New  York,  1977;  Vol.  1,  p  97. 
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Figure  3.  Infrared  spectrum  of  solid  N(CH3)4N3  pressed  in  an  AgBr 
disk.  The  absorption  at  250  cm'1  is  due  to  the  window  material. 


Figure  4.  Raman  spectrum  of  solid  N(CH3)4N3  recorded  at  ambient 
temperature.  The  region  0-200  cm'1  was  recorded  at  a  10  times  lower 
sensitivity. 

tetramethylammonium  cation  is  slightly  but  significantly  distorted, 
with  angles  around  N  ranging  from  107.3  (4)°  to  111.8  (4)°, 
compared  to  angles  ranging  from  108.8  (2)°  to  110.3  (2)°  in 
isotypic  N(CH3)4HF2.13  This  increased  distortion  of  the  N(CH3)4+ 
cations  is  attributed  to  packing  effects  caused  by  the  slightly  larger 
anion  size  on  going  from  HF2~  to  N3-. 

Vibrational  Spectra.  The  infrared  and  Raman  spectra  of  solid 
N(CH3)4+N3~  are  shown  in  Figures  3  and  4,  respectively.  The 
observed  frequencies  and  their  assignments  are  summarized  in 
Table  IV.  The  assignments  and  mode  descriptions  for  N(CH3)4+ 
follow  those15  published  by  Berg.  These  spectra  confirm  the 
findings  from  the  crystal  structure  determination  that  the  N- 
(CH3)4+  cation  in  N(CH3)4+N3"  is  more  distorted  from  tetrahedral 
symmetry  than  that  in  N(CH3)4+HF2".  This  is  manifested  by  the 
significant  difference  in  the  relative  Raman  intensities  of  the  two 
NC4  deformation  modes,  v,9(F2)  and  vg(E),  in  these  two  com¬ 
pounds.  In  N(CH3)4HF2,  the  vg:vi9  intensity  ratio  equals  3.6, 
whereas  in  N(CH3)4N3  it  is  only  0.29.  It  has  previously  been 
demonstrated16’17  that  this  ratio  decreases  with  increasing  distortion 
of  the  N(CH3)4+  cation.  Additional  evidence  for  the  increased 
cation  distortion  is  the  frequency  decrease  of  the  antisymmetric 
CH3  stretching  mode,  ^(F^,16-17  from  3036  cm-1  in  N(CH3)4HF2 
to  3022  cm'1  in  N(CH3)4N3,  and  the  infrared  activity  of  the  F, 
modes,  which  for  strict  Td  symmetry  should  be  inactive.15 

The  bands  observed  for  the  N3~  anion  (see  Table  I)  are  in 
excellent  agreement  with  those  previously  reported  for  a  symmetric 
linear  ion  of  symmetry  Z).*.18"20  The  frequency  of  v,  follows  a 
trend  previously  noted20  for  the  alkali  metal  azides,  i.e.  a  decrease 
in  iq  with  increasing  ionic  radius  and  ionicity  of  the  cation  (Li+, 
1372;  Na+,  1360;  K+,  1343;  Rb\  1335;  Cs+,  1328;  N(CH3)4+, 
1317  cm'1). 


(15)  Berg,  R.  W.  Spectrochim.  Acta,  Part  A  1978,  34A,  655. 

(16)  Kabisch,  G.;  Klose,  M.  J.  Raman  Spectrosc.  1978,  7,  31 1. 

(17)  Kabisch,  G.  J.  Raman  Spectrosc.  1980,  9,  285. 

(18)  Bryant,  J.  I.  J.  Chem.  Phys.  1964,  40,  3195;  1966,  45,  689. 

(19)  Hathaway,  C.  E.;  Temple,  P.  A.  Phys.  Rev.  B  1971,  3,  3497. 

(20)  Iqbal,  Z.;  Prask,  H.  J.;  Trevino,  S.  F.  In  Energetic  Materials-,  Fair, 
H.  D.,  Walker,  R.  F.,  Eds.;  Plenum  Press:  New  York,  1977;  Vol.  1,  p  131. 


Table  IV.  Vibrational  Spectra  of  Solid  N(CH3)4’fN3~ 
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A  comparison  of  our  spectra  with  those  previously  reported6 
for  N(CH3)4N3  shows  significant  discrepancies.  Thus,  v3  of  N3~ 
differs  by  more  than  60  cm"1  from  the  previous  report,  and  nu¬ 
merous  other  bands  differ  in  both  frequencies  and  relative  in¬ 
tensities.  In  view  of  the  high  purity  of  our  sample,  as  shown  by 
the  crystal  structure  and  correct  decomposition  point,  our  spectra 
should  be  preferred  over  those  previously  reported.6 

Reactions  of  HN3  with  the  P  Anion  and  of  HF  with  the  Azide 
Anion.  The  N3  group  can  be  considered  as  a  pseudohalogen21  or 
para-halogen.22  Since  other  pseudohalides,  such  as  N03~  or  C104“, 
are  known  to  form  the  bihalide-type  anions,  [02NO-H-ON- 
02]-,23-28  [F-H-0N02]-,29  and  [OjCIO-H-OCIOj]',30  respec- 


(21)  Golub,  A.  M.;  Kohler,  H.;  Skopengo,  V.  V.  Chemistry  of  Pseudo¬ 
halides.  In  Topics  in  Inorganic  and  General  Chemistry,  Clark,  R.  J.  H.,  Ed.; 
Monograph  21;  Elsevier:  Amsterdam,  1986;  p  28. 

(22)  Haas,  A.  Ado.  Inorg.  Chem.  Radiochem.  1984,  28,  167. 

(23)  Gillard,  R.  D.;  Mitchell,  S.  H.  Polyhedron  1987,  6,  1885. 
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tively,  it  was  interesting  to  study  the  interaction  of  HN3  with  both 
the  N,~  and  the  P  anions.  With  N(CH3)4N3,  HN3  did  not  form 
an  adduct  stable  at  room  temperature.  With  MF  [M  =  Na,  K, 
Rb,  Cs,  N(CH3)4],  gaseous  or  liquid  HN3  reacted  at  or  below 
room  temperature  with  the  formation  of  an  equimolar  mixture 
of  MN3  and  MHF2  (4).  The  products  of  reaction  4  are  best 

2MF  +  HN3  —  MN3  +  MHF2  (4) 

interpreted  by  the  summation  of  (5)  and  (6),  where  step  5  might 

MF  +  HN3  —  MN3  +  HF  (5) 

MF  +  HF  —  MHF2  (6) 

involve  an  intermediate  F-H-N3~  anion  which  readily  eliminates 
HF  to  give  the  final  N3"  product.  Attempts  were  made  to  isolate 
this  intermediate  anion  by  reacting  HN3  with  a  RbF  single  crystal 
infrared  window  at  low  temperature.  Below  -100  °C,  no  reaction 
occurred,  and  above  this  temperature,  the  only  new  products 
observable  by  infrared  spectroscopy  were  RbN3  and  RbHF2. 

Reaction  5,  i.e.  the  displacement  of  P  from  M+P  by  HN3, 
was  surprising  since,  in  aqueous  solution,  HN3  (Pk  =  4.77)  is  a 
weaker  acid  than  HF  (/\  =  3.18).  Furthermore,  molten  weak 
organic  acids  such  as  stearic  acid  also  displace  N3'  from  NaN3.8 
Since  reaction  5  was  not  carried  out  in  aqueous  solution  in  which 
the  acidity  of  HF  is  enhanced  by  the  hydration  energy  of  P,  but 
between  solid  MF  and  neat  gaseous  or  liquid  HN3,  it  should  not 
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(25)  Roziere,  J.;  Lehman,  M.  S.;  Potier,  J.  Acta  Crystallogr.  1979,  B35, 
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1976,  15,  2490. 

(27)  Williams,  J.  M.;  Dowling,  N.;  Gunde,  R.;  Hadzi,  D.;  Orel,  B.  J.  Am. 
Chem.  Soc.  1976,  98,  1581. 

(28)  Roziere,  J.;  Berney,  C.  V.  J.  Am.  Chem.  Soc.  1976,  98,  1582. 

(29)  Al-Zamil,  N.;  Delf,  B.  W.;  Gillard,  R.  D.  J.  Inorg.  Nucl.  Chem.  1980, 
42,  1117. 

(30)  Karelin,  A.  I.;  Grigorovich,  Z.  I.;  Rosolovskii,  V.  Ya.  Izv.  Akad. 
Nauk.  SSSR,  Ser.  Khim.  1974,  1228. 


be  governed  by  the  above  Pv  values  but  by  the  proton  affinities 
of  P  and  N3'.  In  view  of  the  proton  affinity  of  P  (371.5  kcal 
mol'1)  exceeding  that  of  N3“  (328.6  kcal  mol'1)  by  about  43  kcal 
mol'1,  it  is  then  not  surprising  that  HN3  can  displace  P  from 
M+P. 

On  the  other  hand  it  was  found  that  HF  quantitatively  displaces 
N3‘  from  M+N3‘  (7).  This  reaction  does  not  require  the  use  of 
an  excess  of  HF.  If  less  than  the  stoichiometric  amounts  of  HF 
are  used,  the  resulting  products  still  are  MHF2  and  HN3  and  not 
MF  and  HN3.  Hence,  it  appears  that  both  reactions  5  and  7  are 

MN3  +  2HF  —  MHF2  +  HN3  (7) 

M  =  Na,  Cs,  N(CH3)4 

irreversible  and  that  the  puzzling  observations  that  HN3  displaces 
P  from  MF  (5)  while  HF  displaces  N3'  from  MN3  (7)  are  not 
due  to  the  shifting  of  a  single  chemical  equilibrium  (8). 

MF  +  HN3  i=t  MN3  +  HF  (8) 

The  observed  reaction  chemistry  can  be  explained  by  the  vastly 
different  Lewis  basicities  of  P  and  HF2'.  Thus,  the  very  strong 
Lewis  base  P  is  readily  displaced  by  the  weak  acid  HN3  (5),  but 
the  more  acidic  HF2'  anion  is  the  final  product  which,  once  it  has 
been  formed,  cannot  be  displaced  anymore  by  the  weak  acid  HN3. 
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Abstract:  A  quantitative  scale  for  the  oxidizing  strength  of  oxidative  fluorinators  has  been  developed  for  the  first  time.  This 
scale  is  based  on  relative  F4  detachment  energies,  which  were  obtained  by  local  density  functional  calculations,  and  is  anchored 
to  its  F*  zero  point  by  an  experimental  value  for  KrF+.  The  oxidizing  strength  of  36  oxidizers  was  determined  in  this  manner 
and  shown  to  be  consistent  with  all  of  the  previously  available  qualitative  experiments.  An  analysis  of  the  trends  in  the  calculated 
data  reveals  some  expected  but  also  some  highly  unexpected  features.  Thus,  the  oxidizer  strength  depends  not  only  on  the 
number  of  fluorine  ligands  and  the  oxidation  state  and  electronegativity  of  the  central  atom  but  also  on  the  presence  of  free 
valence  electron  pairs  on  the  central  atom  and  the  geometry  of  the  oxidizer.  The  heats  of  formation  of  these  oxidizers  were 
also  determined  from  their  F*-  detachment  energy  values. 


Introduction 

The  synthesis  of  fluorine-containing  strong  oxidizers  generally 
requires  powerful  fluorinating  agents.  In  this  context,  the  question 
as  to  which  agent  is  most  powerful  and  which  agent  can  oxidize 
a  given  substrate  frequently  arises.  The  ranking  of  these  fluo¬ 
rinating  agents  according  to  their  strength  is  very  difficult.  Direct 
electrochemical  measurements  of  their  oxidation  potentials  are 
not  possible  because  the  latter  generally  exceed  the  decomposition 
voltages  of  the  available  solvents.  Therefore,  no  oxidizer  strength 
scales  exist  at  the  present  time,  and  the  only  data  available  are 
isolated  observations1-4  that  some  compounds  can  oxidize  certain 
substrates  while  others  cannot.  Frequently,  however,  a  lack  of 
reaction  is  due  to  the  choice  of  unfavorable  reaction  conditions 
or  high  activation  energies  and  not  necessarily  to  an  insufficient 
oxidation  potential,  a  thermodynamic  measure. 

Strong  oxidizers  can  be  separated  into  two  main  classes.  The 
first  one  consists  of  one-electron  oxidizers  such  as  PtF«  or  UF6, 
and  the  second  one  of  oxidative  fluorinators  such  as  KrF4,  C1F6+, 
or  N2F*.  The  case  of  one-electron  oxidizers  has  previously  been 
analyzed  by  Bartlett  and  is  best  exemplified  by  his  classic  example 
of  the  reaction  of  PtF6  with  02  (eq  l).3  The  reaction  enthalpy, 

02  +  PtF6  -  02+PtF6-  (1) 

A H°,  of  (1)  can  be  derived  from  the  Bom-Haber  cycle  given  in 
Figure  1,  where  IP,  EA,  and  UL  stand  for  the  first  ionization 
potential  of  02,  the  electron  affinity  of  PtF^  and  the  lattice  energy 
of  solid  02+PtF<f,  respectively.  Neglecting  entropy  changes,  A H° 
must  be  negative  for  the  reaction  to  occur  spontaneously.  Since 
the  ionization  potentials  of  the  substrates  are  usually  known  and 
the  lattice  energies  of  the  solid  products  can  be  estimated  quite 
accurately,  the  occurrence  or  lack  of  spontaneous  reaction  with 
different  substrates  was  used4  to  place  upper  and  lower  limits  on 
the  electron  affinity  of  the  oxidizing  species.  This  method  allows 
one  to  estimate  rough  electron  affinity  values  which  in  turn  can 
be  taken  as  a  measure  for  the  oxidizing  power  of  these  one-electron 
oxidizers.  Since  these  electron-transfer  reactions  do  not  involve 
significant  activation  energies,  the  “go-no  go”  reaction  approach 
works  rather  well. 

The  case  of  oxidative  fluorinators,  such  as  KrF4  or  N2F+,  is 
more  complex  and  has  not  been  analyzed  previously.  The  oxidizer 
strengths  of  these  species  is  not  a  simple  function  of  the  electron 
affinity  or  ionization  potential  of  the  atom  or  molecule  to  which 
the  formal  “F4”  unit  is  attached.  This  was  exemplified  by  a  recent 
qualitative  study1  which  showed  that  N2Ff  (IPn;  =  360.6  kcal 
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Figure  2.  Two  Bom-Haber  cycles  which  can  be  used  for  the  description 
of  a  typical  oxidative  fiuorination  reaction,  in  this  case  the  oxidative 
fluorination  of  Xe  by  NjF1'. 


mol-1)6  is  a  weaker  oxidative  fluorinator  than  KrF*  (IPk,  =  324.2 
kcal  mol-1).*  Therefore,  we  have  undertaken  efforts  to  analyze 
this  case  and  to  define,  if  possible,  a  quantitative  oxidizer  strength 
scale. 


Results  and  Discussion 

Bom-Haber  Cycles  for  Oxidative  Fluorination  Reactions.  The 
case  of  oxidative  fluorination  reactions  is  more  complex  than  that 
of  one-electron  oxidations.  In  addition  to  the  transfer  of  a  positive 
charge,  an  existing  bond  must  be  broken  and  a  new  one  must  be 
formed.  Furthermore,  the  bond  breaking  can  require  a  substantial 
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activation  energy  and,  therefore,  complicates  experiments  aimed 
at  the  determination  of  relative  oxidizer  strengths  based  on  the 
observation  or  lack  of  observation  of  a  reaction. 

Consider  the  reaction  between  N2F+  and  Xe  in  HF  solution1 
as  a  typical  example  of  an  oxidative  fluorination  reaction.  As¬ 
suming  that  the  solvation  energies  of  N2F+  and  Xe  are  about  the 
same  as  those  of  XeF*  and  N2,  this  reaction  can  be  expressed  by 
eq  2.  Figure  2  shows  two  Bom-Haber  cycles,  (2a)  and  (2b),  which 
can  be  used  to  describe  reaction  2. 

As  in  the  case  of  the  one-electron  oxidations,  A H°  must  be 
negative  for  a  spontaneous  reaction  and,  for  the  cycles  2a  and  2b, 
is  given  by  eq  3a  and  3b,  respectively,  where  FPA  is  the  F*  affinity 

A H°  =  FPA(subst)  -  FPA(oxid  -  F+)  (3a) 

A H°  =  IP(substr)  -  IP(oxid  -  F+)  +  £>0(oxid)  -  D0(prod) 

(3b) 

(=A H  of  the  reaction  A  +  F+  —  AF+),  FPD  is  the  F4  detachment 
energy,  IP  is  the  first  adiabatic  ionization  potential,  D0  is  the  bond 
dissociation  energy,  and  EA  is  the  electron  affinity.  Until  now, 
neither  cycle  2a  nor  2b  had  been  used  for  the  determination  of 
A H°  values  since  the  F+  affinities  and  bond  dissociation  energies 
were  generally  unknown. 

Calculations.  If  one  considers  reaction  2  as  the  transfer  of  F* 
from  one  compound  to  another,  it  is  very  similar  to  the  transfer 
of  a  proton  from  one  base  to  another  (reaction  4).  Such  pro- 

N2H+(g)  +  Xe(g)  -  XeH+(g)  +  N2(g)  (4) 

ton-transfer  reactions  can  be  calculated  quite  accurately  by  mo¬ 
lecular  orbital  methods  for  both  relative  values  and  absolute 
values.7  The  agreement  with  experiment  for  proton-transfer 
processes  is  usually  excellent  if  one  employs  good  geometries  and 
if  adequate  basis  sets  with  some  consideration  of  the  correlation 
energy  are  included  in  the  calculations.  Absolute  values  can  be 
obtained  with  somewhat  larger  basis  sets. 

Such  a  theoretical  model  could  also  be  employed  for  the  cal¬ 
culation  of  relative  FPAs.  However,  most  of  the  compounds  under 
consideration  as  strong  oxidants  contain  atoms  predominantly  from 
the  right-hand  side  of  the  periodic  table,  and  contrary  to  H+,  F* 
has  a  significant  number  of  electrons.  Thus,  some  method  is 
needed  which,  even  for  describing  the  geometries,  includes  cor¬ 
relation  effects.  Since  there  are  a  significant  number  of  com¬ 
pounds,  all  of  which  need  to  have  their  geometries  optimized,  one 
also  requires  a  computationally  efficient  method.  Rather  than 
using  traditional  Hartree-Fock  methods  (scaling  as  N*  with  N 
as  the  number  of  basis  functions)  including  correlation  corrections 
(scaling  as  Am,  m  >  5),  we  chose  the  local  density  functional 
(LDF)  method  (scaling  as  A73).8 

The  calculation  of  absolute  proton  affinities  by  theoretical 
methods  is  simplified  because  the  dissociation  of  BH+  results  in 
two  closed-shell  species,  B  and  H+,  where  B  and  BH+  have  the 
same  number  of  electron  pairs.  However,  the  calculation  of 
absolute  F+  affinities  is  complicated  because  (i)  the  generated 
F+  is  not  a  closed-shell  singlet  but  a  ground-state  triplet9  and  (2) 


(7)  Dixon,  D.  A.;  Lias,  S.  G.  In  Molecular  Structures  and  Energies-, 
Liebman,  J.  F.,  Greenberg,  A.,  Eds.;  VCH  Publishers:  Deerfield  Beach,  FL, 
1987;  Vol.  2,  Chapter  7,  p  269. 

(8)  (a)  Parr,  R.  G.;  Yang,  W.  Density  Functional  Theory  of  Atoms  and 
Molecules;  Oxford  University  Press:  New  York,  1989.  (b)  Salahub,  D.  R. 
In  Ah  Initio  Methods  in  Quantum  Chemistry;  Lawlwy,  K.  P„  Ed.;  J.  Wiley 
and  Sons:  New  York,  1987;  Vol.  II.  (c)  Wimmer,  E.;  Freeman,  A.  J.;  Fu, 
C.  L.;  Cao,  P.  L.;  Chou,  S.  H.;  Delley,  B.  In  Supercomputer  Research  in 
Chemistry  and  Chemical  Engineering,  Jensen,  K.  F.,  Truhlar,  D.  G.,  Eds.; 
ACS  Symposium  Series  353;  American  Chemical  Society:  Washington,  DC, 
1987;  p  49.  (d)  Jones,  R.  O.;  Gunnarsson,  O.  Rev.  Mod.  Phys.  1989, 61, 689. 
(e)  Dixon,  D.  A.;  Andzelm,  J.;  Fitzgerald,  G.;  Wimmer,  E.;  Delley,  B.  Science 
and  Engineering  on  Supercomputers;  Pitcher,  E.  J.,  Ed.;  Computational 
Mechanics  Publications:  Southampton,  England,  1990;  p  285.  (f)  Dixon,  D. 
A.;  Andzelm,  J.;  Fitzgerald,  G.;  Wimmer,  E.;  Jasien,  P.  In  Density  Functional 
Methods  in  Chemistry,  Labanowski,  J.  K„  Andzelm,  J.,  Eds.;  Springer-Verlag: 
New  York,  1991;  Chapter  3,  p  33. 

(9)  Calculations  of  the  F*  cation  affinities  of  some  simple  organic  bases 

have  recently  been  reported.  These  ab  initio  molecular  orbital  calculations 

were  done  at  the  STO-3G(*PS)  level  and  the  reported  affinities  are  for  an 

excited  state  of  F^(’S):  Alcami,  O.;  YSfiez,  M.;  Abboud,  J.-L.  M.  J.  Phys. 

Org.  Chem.  1991,  4,  177. 


the  number  of  electron  pairs  is  different  in  B  and  BF*.  It  is  also 
well-established  that  the  LDF  method  overestimates  binding 
energies.  Thus,  instead  of  calculating  absolute  FPAs,  we  have 
calculated  relative  FPAs. 

The  LDF  method  is  based  on  the  Hohenberg-Kohn  theorem,10 
which  states  that  the  total  energy  £,  is  a  functional  of  the  charge 
density  p  as  follows: 

EAp]  =  T[p ]  +  U[P]  +  £IC[p]  (5) 

where  T  is  the  kinetic  energy  of  the  noninteracting  electrons  of 
density  p,  U  is  the  classical  Coulomb  electrostatic  energy,  and  Exc 
includes  all  of  the  many-body  contributions  to  the  energy.  The 
first  two  terms  can  be  evaluated  using  straightforward  techniques. 
The  most  important  contributions  to  EK  are  the  exchange  energy 
and  the  correlation  energy,  and  it  is  in  the  final  tarn  where  the 
local  density  approximation  is  introduced.  A  good  approximation 
for  the  final  term  is  derived  from  the  exchange-correlation  energy 
of  the  uniform  electron  gas  by  following  the  assumption  that  the 
charge  density  varies  slowly  on  the  scale  of  exchange  and  cor¬ 
relation  effects.  The  form  of  the  exchange-correlation  energy 
employed  in  our  calculations  is  that  of  von  Barth  and  Hedin.11 

The  calculations  were  done  with  the  program  DMol12  on  a 
CRAY-YMP  computer  system.  DMol  employs  numerical 
functions  for  the  atomic  basis  sets.  These  atomic  basis  sets  are 
exact  spherical  solutions  to  the  density  functional  equations.  All 
of  the  calculations  were  done  with  a  double  numerical  basis  set 
augmented  by  d  (/  =  2)  polarization  functions.  Because  exact 
numerical  solutions  are  employed,  the  basis  set  is  of  higher  quality 
than  a  normal  molecular  orbital  basis  set  of  the  same  size. 
Furthermore,  basis  set  superposition  errors  should  be  minimized 
because  of  the  quality  of  the  basis  set. 

The  various  integrals  required  for  the  solution  of  eq  5  need  to 
be  evaluated  on  a  grid  due  to  our  use  of  numerical  basis  functions.13 
The  number  of  radial  points  is  given  by 

ATr  =  (1.2)14(Z  +  2)1/3  (6) 

where  Z  is  the  atomic  number  and  the  maximum  distance  for  any 
function  is  12  au.  The  angular  integration  points  N0  are  generated 
at  the  Nr  radial  points  to  form  shells  around  each  nucleus  with 
N0  ranging  from  14  to  302  depending  on  the  density.  Fitting 
functions  for  the  spherical  harmonics  were  all  done  with  an  angular 
momentum  number  £'  =  i  +  1  =  3. 

Geometries  were  optimized  by  using  analytic  gradient  meth¬ 
ods.14,15  Because  numerical  methods  are  used,  the  error  in  atomic 
coordinates  determined  by  the  optimization  is  on  the  order  of  0.001 
A,  which  gives  bond  lengths  and  angles  with  errors  at  least  1  order 
of  magnitude  smaller  than  the  differences  between  calculated  and 
experimental  values.  The  spin  state  of  each  structure  is  a  singlet 
except  for  those  of  02  and  F+,  which  are  triplets. 

Oxidizer  Strength  Scale.  Although  a  knowledge  of  the  relative 
FPAs  allows  the  prediction  of  whether  a  certain  reaction  is 
thermodynamically  feasible  and  which  oxidizer  is  stronger  with 
respect  to  another  one,  it  provides  only  a  relative  oxidizer  strength 
scale.  To  obtain  an  absolute  scale,  one  must  identify  the  ther¬ 
modynamic  property  governing  the  oxidizer  strength,  define  a  zero 
point  for  the  scale,  and  then  anchor  the  relative  oxidizer  strength 
values  derived  from  the  LDF  calculations  to  the  chosen  zero  point 
by  an  experimentally  known  number  since  LDF  theory  overes- 


(10)  Hohenberg,  P.;  Kohn,  W.  Phys.  Rev.  B  1964,  136,  184. 

(11)  von  Barth,  U.;  Hedin,  L.  Physica  C  1972,  5,  1629. 

(12)  Delley,  B.  J.  Chem.  Phys.  1990,  92,  508.  Dmol  is  available  com¬ 
mercially  from  Biosym  Technologies,  San  Diego,  CA. 

(13)  This  grid  can  be  obtained  by  using  the  FINE  parameter  in  DMol. 

(14)  For  a  discussion  of  Hartree-Fock  methods,  see:  (a)  Komomicki,  A.; 
Ishida,  K.;  Morokuma,  K.;  Ditchfield,  R.;  Conrad,  M.  Chem.  Phys.  Lett.  1971, 
45,  595.  (b)  Pulay,  P.  In  Applications  of  Electronic  Structure  Theory, 
Schaefer,  H.  F.,  Ill,  Ed.;  Plenum  Press:  New  York,  1977;  p  153.  (c)  Jor¬ 
gensen,  P.;  Simons,  J.,  Eds.  Geometrical  Derivatives  of  Energy  Surfaces  and 
Molecular  Properties;  NATO  AS1  Ser.  C  1986,  166,  207. 

(15)  (a)  Delley,  B.  In  Density  Functional  Methods  in  Chemistry;  Laba¬ 
nowski,  J.  K.,  Andzelm,  J.  W.,  Eds.;  Springer-Verlag;  New  York,  1991; 
Chapter  1 1,  p  101 .  (b)  Fournier,  R.;  Andzelm,  J.;  Salahub,  D.  R.  J.  Chem. 
Phys.  1989,  90,  6371.  (c)  Versluis,  I.;  Ziegler,  T.  J.  Chem.  Phys.  1988,  88, 
3322. 
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timates  absolute  binding  energies. 

According  to  the  Born-Haber  cycle  2a  and  eq  3a,  the  reaction 
enthalpy  A H°  equals  the  difference  between  the  F4  affinities  of 
the  substrate  and  of  the  oxidizer  minus  F4.  Hence,  F4  affinities 
are  a  useful  criterion  for  an  oxidizer  strength  scale.  Since  the 
F4  affinity  (FPA)  of  a  substrate  equals  the  negative  value  of  the 
F+  detachment  energy  (FPD)  of  the  corresponding  product,  eq 
3a  can  be  rewritten  as  eq  7,  and  an  oxidative  fluorination  reaction 

A H°  =  FPD(oxid)  -  FPD(prod)  (7) 

can  be  considered  as  the  formal  transfer  of  an  F4  cation  from  an 
oxidizer  to  a  substrate.  Since  the  F4  detachment  energy  for  F+ 
itself  obviously  is  zero,  F+  is  the  ideal  zero  point  for  an  oxidizer 
strength  scale  based  on  F4  detachment  energies.  On  this  scale, 
then,  increasing  FPD  values  signify  decreasing  oxidizer  strength. 

The  third  objective,  i.e.,  the  anchoring  of  the  relative  FPD  values 
to  the  F4  zero  point,  was  accomplished  by  calculating  the  F4 
affinity  of  Kr  from  experimental  data.  From  the  known  heat  of 
formation  of  KrF2,  the  appearance  potential  of  KrF4  from  KrF2, 
and  the  first  adiabatic  ionization  potential  of  Kr,  the  bond  energy 
and  heat  of  formation  of  gaseous  KrF4  have  been  estimated16  to 
be  37  and  306.1  kcal  moP1,  respectively,  as  shown  by  the  right 
half  of  eq  8.  [Numbers  beneath  the  equations  are  A H{°  (kcal 

Kr  +  F*  —  KrF4  -  3?  Kr4  +  F  (8) 

0  422.0  306.1  324.2  18.9 

mol”1).]  From  the  known  heats  of  formation  of  gaseous  KrF4 
and  F4,6  the  F4  affinity  of  Kr  can  then  be  estimated  as  -1 15.9 
kcal  mol”1,  as  shown  by  the  left  half  of  (8).  The  combination  of 
this  experimentally  derived  value  with  the  F4  affinity  differences 
obtained  by  our  LDF  calculations  permits  the  construction  of  the 
absolute  oxidizer  strength  scale  given  in  Table  I. 

The  quality  of  the  values  in  Table  I  was  cross-checked  for  XeF4. 
Using  the  previously  published  experimental  data,16  the  FPD  of 
XeF4  was  estimated  (9)  as  170.0  kcal  mol”1,  in  fair  agreement 
with  our  computed  value  of  164.8  kcal  mol”1  given  in  Table  I. 

Xc  +  p4  FPA  =  -17°°>  XeF4  —  Xc4  +  F  (9) 

0  422.0  252.0  281.1  18.9 


An  additional  cross-check  was  made  for  the  yet  unknown  ArF4 
cation  for  which  recent  ab  initio  calculations17  have  yielded  an 
Ar-F  bond  energy  value  of  49  ±  3  kcal  mol”1.  Using  this  value, 
the  F4  affinity  of  Ar  can  be  estimated  as  -87.4  kcal  mol”1  (10) 
which  is  in  good  agreement  with  our  FPD  value  of  84.3  kcal  mol”1 
from  Table  I. 


Ar  +  F4 
0  422.0 


FPA  =  -87.4 


.  D*#.  =  -49 

ArF4 - — -  Ar4  +  F  (10) 

334.6  364.7  1  8.9 


Heats  of  Formation  of  the  Oxidizers.  The  knowledge  of  the 
F4  detachment  energies  of  the  oxidizers  (see  Table  I)  also  provides 
a  convenient  source  for  their  heats  of  formation  A H°.  The  latter 
are  given  by  eq  11,  where  equals  422.0  kcal  mol”1; 

Atff°(XF*g)  =  AtffVg)  +  A^MF+g)  “  FPE\XF*g)  (H) 

Ww  the  heat  of  formation  of  the  parent  molecule,  is  usually 
known,  and  the  FPD  values  are  taken  from  Table  I.  The  resulting 
A//f°(XF+g)  values  have  been  included  in  Table  I.  Only  few  ex¬ 
perimental  estimates  are  available  for  these  formation  enthalpies. 
For  example,  the  value  of  204  kcal  mol'1  previously  reported18 
for  A//f°(NF^l)  is  in  fair  agreement  with  our  value  of  210  kcal 
mol”1  given  tn  Table  I. 

Characteristics  of  the  Oxidizer  Strength  Scale.  The  following 
comments  can  be  made  about  the  data  given  in  Table  I. 


(16)  Bartlett,  N.;  Sladky,  F.  In  Comprehensive  Inorganic  Chemistry, 
Pergamon  Press:  Oxford,  UK,  1973;  Vol.  1,  pp  213-330.  The  appearance 
potentials  are  from  J.  Berkowitz,  unpublished  work. 

(17)  Frenking,  G.;  Koch,  W.;  Deakyne,  C.  A.;  Liebman,  J.  F.;  Bartlett,  N. 
J.  Am.  Chem.  Soc.  1989,  III,  31. 

(18)  Goetschel,  C.  J.;  Campanile,  V.  A.;  Curtis,  R.  M.;  Loos,  K.  R.; 
Wagner,  D.  C.;  Wilson,  J.  N.  Inorg.  Chem.  1972,  II,  1696. 


Table  I.  Absolute  Oxidizer  Strength  Scale  and  Formation  Enthalpies 
for  Oxidative  Fluorinators 


oxidative 

fluorinator0 

XF* 

F4  detachment 
energy  (kcal  mol'1)11 
FPD(XFg4) 

formation  enthalpy0 
(kcal  mol"1) 

ref  for 

AWf°(XF+g)  SH°(X) 

(HeF4)  (V) 

-1.6 

423.6 

6 

(HeF4)  ('!*) 

(-16.2) 

(438.2) 

6 

(F4) 

0 

422.0 

6 

(NeF4)  (VI 

0.6 

421.4 

6 

(NeF4)  ('Vj 

H9.6) 

(441.6) 

6 

(F,4) 

60.0 

362.0 

6 

(ArF4) 

84.3 

337.7 

6 

KrF4 

115.9 

306.1 

6 

(XeF,4) 

116.7 

222.2 

15 

(OF,4) 

122.2 

305.7 

6 

(BrF,04) 

131.1 

(OjF4)1 

133.8 

288.2 

6 

(C1F404) 

135.6 

251.0 

d 

NjF4 

139.3 

282.7 

6 

(XeFjO4) 

139.8 

276.2 

€ 

BrF*4 

140.8 

178.7 

6 

(XeF30,4) 

141.7 

336.3 

16 

C1F64 

147.3 

215.5 

d 

XcF34 

152.4 

243.7 

15 

C1F44 

158.7 

224.3 

6 

XeFs4 

158.9 

200.6 

6 

ClFjO,4 

161.0 

228.4 

d 

(IF404) 

164.0 

XeF4 

164.8 

257.2 

6 

C1F24 

167.1 

241.9 

6 

XeFjO4 

173.1 

BrF/ 

174.0 

187.0 

6 

if64 

175.0 

40.4 

6 

NFjO4 

175.3 

230.8 

6 

C^F4 

179.1 

242.9 

6 

nf44 

180.1 

210.5 

6 

(XeFO4) 

182.4 

290.1 

16 

BrF2+ 

182.4 

217.2 

6 

ClFjO4 

193.0 

XeF024 

195.3 

BrF20+ 

200.5 

if4+ 

212.1 

93.9 

15 

IF,4 

213.5 

185.7 

6 

(if2o4) 

230.0 

“The  cations  listed  in  parentheses  have  so  far  not  been  isolated  in  the 
form  of  stable  salts.  6  All  FPD  values  were  computed  for  XF4  and  X 
being  singlet  ground  states  and  F4  being  a  triplet  ground  state,  except 
for  HeF4  and  NeF4,  which  have  triplet  ground  states  (see  text)  and 
O2F4  (see  footnote  J).  'Calculated  by  eq  7,  using  A values 
from  refs  6  and  15c,d.  ■'Barberi,  P.;  Carre,  J.;  Rigny,  P.  J.  Fluorine 
Chem.  1976,  7,  511.  'Gunn,  S.  R.  J.  Am.  Chem.  Soc.  1965,  87,  2290. 
7 Calculated  for  the  singlet  state  of  OjF4  going  to  the  triplet  state  of 

o2. 

(i)  F4  detachment  energies  are  a  good  measure  for  the  oxidizing 
power  of  an  oxidative  fluorinator.  The  oxidizing  power  of  a 
compound  decreases  with  an  increase  in  its  F4  detachment  energy. 

(ii)  A  negative  value  for  the  F4  detachment  energy  of  an  XF4 
species  signifies  a  species  that  is  unstable  with  respect  to  decom¬ 
position  to  ground-state  X(*S)  and  F4(3P).  The  negative  F4 
detachment  energy  values  for  NeF4  and  HeF4,  listed  in  par¬ 
entheses  in  Table  I,  are  due  to  the  fact  that  for  all  of  our  calcu¬ 
lations  the  following  spin  states  were  used  (12). 

FPD 

XeF+CZ4) - ►  X('S)  +  F^P)  (12) 

Whereas  for  XeF4,  KrF4,  and  ArF4  a  124  state  is  the  ground 
state;  NeF4  and  HeF4  have  a  V  ground  state.  Their  '24  states 
are  excited  states  which  are  calculated  to  lie  30.3  and  23.8  kcal 
mol'1,  respectively,  above  their  ground  states.17  If  for  NeF4  and 
HeF4  the  FPDs  are  computed  for  their  V  ground  states  (13) 

XF+Cr)  —  X('S)  +  F4(3P)  (13) 

slightly  positive  values  of  about  4.0  and  1.2  kcal  mol'1,  respectively, 
are  obtained.  This  was  shown  by  recent  high-level  ab  initio 
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Table  II.  Relative  Oxidizer  Strengths  (FPD  Values)1'  of  the  Electronically  Isovalent  Series  of  Tetrahedral  and  Pseudotetrahedral  Binary  Fluoride 
Cations 


group  in  periodic  system 

V  A 

VI  A 

VII  A 

VIII  A 

formal  oxidation  state  of  central  atom 

+V 

+IV 

+III 

■HI 

F 

1 

+ 

"j 

+ 
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“Numbers  below  each  structure  are  calculated  values  (kcal  mol"1). 

calculations17,19  which  suggest  that  in  their  ground  states  these 
cations  are  only  weakly  bound. 

(iii)  Except  for  NeF+  and  Hel7+,  the  F+  detachment  energies 
listed  in  Table  I  do  not  represent  the  X-F  bond  dissociation 
energies,  D0.  Since  usually  the  first  ionization  potential  of  X  is 
lower  than  that  of  the  F  atom  (422  kcal  mol1),6  the  lowest  energy 
bond  dissociation  process  becomes  the  one  which  yields  X+  and 
F  atoms  (14). 

XF+02+)  X+(2P)  +  F(2P)  (14) 

(iv)  The  previously  reached7  conclusion  that  KrF*  is  the 
strongest  presently  known  oxidative  fluorinator  was  confirmed. 

(v)  The  oxidative  fluorination  reactions  can  be  considered  as 
a  formal  transfer  of  F6  from  the  oxidizer  to  a  substrate  and  involve 
the  breaking  of  an  existing  and  the  formation  of  a  new  bond.  Even 
when  proceeding  through  a  probable  intermediate  activated 
complex,  as  shown  by  eq  15  for  the  Xe  +  NjF6  reaction,  such 

"  =  Nl - [|Xe - Tj]+  +  IN=  Nl  (15) 


a  reaction  could  require  a  substantial  activation  energy.  Hence, 
it  is  not  surprising  that  some  of  the  reactions,  deemed  possible 
from  the  rankings  in  Table  I,  have  so  far  experimentally  not  been 
observed.  Of  the  previously  observed  oxidative  fluorination  re- 
actions,1"3'20"77  none  violates  the  rankings  given  in  Table  I,  thus 
supporting  our  results.  The  only  somewhat  ambiguous  case  is  a 
previous  report27  which  indicated  that  CljF+AsFj-  oxidized  Xe 


(19)  (a)  Frenking,  G.;  Koch,  W.;  Cramer,  D.;  Gauss,  J.;  Liebman,  J.  F. 
J.  Phys.  Chem.  1989,  93,  3397,  3410.  (b)  Deakyne,  C.  A.;  Liebman,  J.  F.; 
Frenking,  G.;  Koch,  W.  J.  Phys.  Chem.  1990,  94,  2306. 

(20)  Gillespie,  R.  J.;  Schrobilgen,  G.  J.  J.  Chem.  Soc.  1974,  13,  1230. 

(21)  Artyukhov,  A.  A.;  Khoroshev,  S.  S.  Koord.  Khim.  1977,  3,  1478. 

(22)  Christe,  K.  O.;  Wilson,  W.  W.;  Curtis,  E.  C.  Inorg.  Chem.  1983, 22, 
3056. 

(23)  Stein,  L.  Chemistry  1974,  47,  1 5. 

(24)  McKee,  D.  E.;  Adams,  C.  J.;  Zalkin,  A.;  Bartlett,  N.  J.  Chem.  Soc., 
Chem.  Commurt.  1973,  26. 

(25)  Holloway,  J.  H.;  Schrobilgen,  G.  J.  J.  Chem.  Soc.,  Chem.  Commun. 
1975,  623. 

(26)  Meinert,  H.;  Gross,  U.  Z.  Chem.  1968, 8,  345. 

(27)  Christe,  K.  O.;  Wilson,  R.  D.  Inorg.  Nucl.  Chem.  Lett.  1973,  9,  845. 
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to  Xe2F3+.  Although  Table  I  implies  that  C12F+  is  not  capable 
of  oxidizing  Xe  to  XeF*,  this  does  not  allow  any  conclusions 
concerning  the  oxidation  of  Xe  to  Xe2F3+.  Because  XejF3+ 
contains  an  extra  XeF2  molecule  and,  generally,  the  oxidizing 
power  of  a  species  decreases  with  decreasing  positive  charge, 
Xe2F3+  is  a  weaker  oxidizer  than  XeF*  and  probably  also  C12F+. 

(vi)  Among  the  yet  unknown  oxidizers  which  are  listed  in  Table 
I  and  rank  in  oxidizing  power  below  KrF*  are  XeF50+  and 
C1F40+.  Previous  attempts  to  oxidatively  fluorinate  XeF^4,23,28 
or  CIF3O29  have  always  resulted  in  oxidation  of  the  oxygen  ligand, 
i.e.,  02  evolution,  instead  of  XeFsO+  or  C1F40+  formation,  re¬ 
spectively.  These  results  indicate  that  in  the  case  of  high-oxi- 
dation-state  oxyfluorides,  the  oxygen  ligand  might  become  easier 
to  oxidize  than  the  central  atom,  thus  foiling  attempts  aimed  at 
their  oxidative  fluorination. 

General  Trends  of  Oxidizer  Strength  within  the  Periodic  System. 
A  systematic  analysis  of  the  data  of  Table  I  indicates  the  following 
general  trends,  some  of  which  are  quite  obvious  and  fully  expected 
but  others  are  rather  surprising. 

I.  Binary  Fluorides,  (i)  Within  a  group  of  electronically  iso¬ 
valent30  species,  such  as  the  series  of  tetrahedral  and  pseudotet¬ 
rahedral  cations  shown  in  Table  II,  the  oxidizing  power  increases 
on  going  from  the  left  to  the  right  and  from  the  bottom  to  the 
top  of  the  periodic  table.  Thus,  NeF*  is  the  strongest  oxidative 
fluorinator  within  this  group,  and  the  electronegativity  of  the 
central  atom  appears  to  be  more  important  than  its  formal  oxi¬ 
dation  state,  i.e.,  the  number  of  fluorine  ligands.  The  only  minor 
exception  to  the  above  rule  is  BrF6+  which,  by  analogy  with  the 
known  BrO4'-C104~  case,31  is  a  slightly  stronger  oxidative  fiuo- 
rinator  than  CIF6+. 

(ii)  For  a  given  central  atom,  the  oxidizing  power  generally 
increases  with  an  increase  in  its  formal  oxidation  state,  as  shown 
in  Tables  III  and  IV.  For  chlorine  as  a  central  atom,  the  oxidizing 
power  increases  from  C1F2+  to  C1F4+  to  C1F6+  by  roughly  equal 
amounts.  Going  to  the  heavier  central  atoms,  bromine  and  iodine, 
the  oxidizer  strength  gaps  between  XF2+  and  XF4+  become  in¬ 
creasingly  smaller  and  those  from  XF4+  to  XF6+  become  increasing 


(28)  Christe,  K.  O.;  Wilson,  R.  D.  J.  Fluorine  Chem.  1976,  7,  356. 

(29)  Christe,  K.  O.;  Wilson,  W.  W.;  Wilson,  R.  D.,  unpublished  results. 

(30)  Haas,  A.  Adv.  Inorg.  Chem.  Radiochem.  1984,  28,  167. 

(31)  Greenwood,  N.  N.;  Eamshaw,  A.  In  Chemistry  of  the  Elements', 
Pergamon  Press:  Oxford,  UK,  1984;  p  1020. 
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Table  III.  Relative  Oxidizer  Strengths  (FPD  Values)  of  the  Binary 
Halogen  Fluoride  Cations  as  a  Function  of  the  Formal  Oxidation 
State  of  the  Central  Atom 


formal  oxidn  state 

of  central  atom  structure  of  cation 


calcd  FPD  values 
(kcal/mol) 


+VII 


C1F6+  BrF6+  IF6+ 
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IF4+ 

212.1 


+III 


C1F2+  BrFj+  IF2+ 

167.1  182.4  213.5 


Table  IV.  Relative  Oxidizer  Strengths  (FPD  Values)  of  the  Binary 
Xenon  Fluoride  Cations  as  a  Function  of  the  Formal  Oxidation  State 
of  the  Xenon  Central  Atom 

formal  oxidn  structure  of  calcd  FPD  value 
state  of  Xe  the  cation  (kcal/mol) 


+VIII 


+VI 


+IV 


+11 
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116.7 


158.9 


152.4 


164.8 


Figure  3.  Geometry  of  C1F30  (bond  lengths  in  angstroms,  angles  in 
degrees)  as  calculated  by  the  LDF  method.  The  experimentally  ob¬ 
served32  values  are  given  in  parentheses. 

larger  (see  Table  III).  For  the  xenon  fluorides  (see  Table  IV), 
a  similar  trend  is  observed.  The  FPD  gap  between  XeF+  and 
XeF5+  is  only  5.9  kcal  mol'1  whereas  that  between  XeFs+  and 
XeF7+  is  42.3  kcal  mol'1. 

These  features  are  best  explained  by  the  increased  mobility  of 
the  free  valence  electron  pair  on  the  central  atom  with  increasing 
atomic  weight  and  by  the  replacement  of  the  last  free  valence 
electron  pair  by  two  fluorine  ligands,  which  causes  a  large  decrease 
in  the  fluorine  plus  detachment  (FPD)  energy  values.  It  is  very 
plausible  that  the  availability  of  a  highly  mobile  free  valence 
electron  pair  should  counteract  the  removal  of  an  electron-deficient 
F+  cation  from  these  species,  thereby  increasing  the  FPD  values. 

There  appears  to  be  a  considerably  weaker  secondary  effect, 
which  is  also  apparent  from  the  oxyfluoride  cations  (see  below). 
Trigonal-bipyramidal  species  seem  to  exhibit  slightly  lower  FPD 
values  than  the  energetically  more  favored  pseudotetrahedral  or 
pseudooctahedral  species.  This  causes  the  FPD  value  of  XeF3+ 
to  be  slightly  lower  than  those  of  XeF*  and  XeF5+  (see  Table  IV) 
and  also  accounts  for  the  very  small  difference  of  1.4  kcal  mol'1 
between  IF2+  and  IF4+. 

The  low  FPD  value  of  XeF7+,  which  is  almost  identical  to  that 
of  KrF+  (see  Table  I),  also  explains  the  failure  of  our  previous 
attempts29  to  prepare  the  yet  unknown  XeF7+  cation  from  XeF6 
and  KrF+. 

II.  Oxyfluorides.  The  case  of  oxyfluorides  is  not  quite  as 
transparent  as  that  of  the  binary  fluorides.  A  priori,  one  might 
have  predicted  that  the  replacement  of  one  free  valence  electron 
pair  on  a  central  atom  by  one  doubly  bonded  oxygen  ligand  should 
increase  the  oxidizing  power  and  decrease  the  FPD  value  of  an 
oxidizer,  albeit  not  by  as  much  as  that  observed  for  the  replacement 
of  one  free  pair  by  two  fluorine  ligands.  Inspection  of  Table  I 
clearly  shows  that  this  is  not  the  case.  For  example,  the  oxidizing 
strength  of  C1F20+  is  25.9  kcal  mol'1  lower  than  that  of  C1F2+ 
while  that  of  C1F40+  is  23.1  kcal  mol"1  higher  than  that  of  C1F4+. 


Table  V.  Relative  Oxidizer  Strengths  (FPD  Values)  of  Oxyfluorides  Resulting  from  the  Stepwise  Replacement  of  Free  Valence  Electron  Pairs  by 
Two  Fluorine  Atoms  (i.e..  Oxidative  Fluorination  Reactions) 
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Table  VI.  Relative  Oxidizer  Strengths  (FPD  Values)  of  Oxyfluorides  Resulting  from  the  Stepwise  Replacement  of  Free  Valence  Electron  Pairs 
by  One  Doubly  Bonded  Oxygen  Atom  (i.e..  Oxidative  Oxygenation  Reactions) _ _ _ _ 
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To  verify  that  these  results  were  not  caused  by  computational 
problems,  the  geometry  of  the  C1F30  molecule  was  computed  and 
compared  to  that  experimentally  determined.32  As  can  be  seen 
from  Figure  3,  the  agreement  between  the  calculated  and  ex¬ 
perimental  geometry  was  good,  particularly  when  one  remembers 
that  the  bond  lengths  calculated  by  the  LDF  method  are  generally 
about  0.05  A  longer  than  the  observed  valued  for  these  types  of 
compounds.33  Similarly,  the  geometry  calculated  for  C1F40+  is 
very  similar  to  that  previously  determined34  for  isoelectronic  SF40 
(see  Figure  4).  Therefore,  the  LDF  method  results  are  deemed 
reliable  for  this  type  of  compounds. 

In  spite  of  the  seeming  lack  of  an  obvious  general  trend  to  the 
FPD  values  of  the  oxyfluorides  of  Table  I,  a  closer  inspection 
reveals  that  the  data  are  indeed  self-consistent  and  exhibit  sys¬ 
tematic  trends.  These  become  obvious  from  an  analysis  of  how 
the  FPD  values  vary  with  the  following  three  processes. 


(32)  Oberhammer,  H.;  Christe,  K.  O.  Inorg.  Chem.  1982,  21,  273. 

(33)  Christe,  K.  O.;  Curtis,  E.  C.;  Dixon,  D.  A.;  Mercier,  H.  P.;  Sanders, 
J.  C.  P.;  Schrobilgen,  G.  J.  J.  Am.  Chem.  Soc.  1991, 113,  3351. 

(34)  (a)  Gundersen,  G.;  Hedberg,  K.  J.  Chem.  Phys.  1969, 51, 2500.  (b) 
Hargittai,  I.  J.  Mol.  Struct.  1979, 56,  301.  (c)  Oberhammer,  H.;  Boggs,  J. 
E.  J.  Mol.  Struct.  1979,  56,  107. 


Figure  4.  Calculated  geometry  of  CIF40+  compared  to  that  experimen¬ 
tally  determined34  for  isoelectronic  SF40. 


(i)  Stepwise  Replacement  of  Free  Valence  Electron  Pairs  on 
the  Centra]  Atom  by  Fluorine  Ligands  (i.e*.  Oxidative  Fluorination 
Reactions).  When  a  sterically  active  free  valence  electron  pair 
is  replaced  by  two  fluorine  ligands,  the  coordination  number  and 
the  formal  oxidation  state  of  the  central  atom  are  increased  by 
one  and  two  units,  respectively;  i.e.,  we  are  dealing  with  an  ox¬ 
idative  fluorination  reaction.  As  can  be  seen  from  the  examples 
given  in  Table  V,  and  also  from  those  given  for  oxidative  oxy¬ 
genation  reactions  (Table  VI),  the  replacement  of  the  last  free 
valence  electron  pair  results  in  a  much  larger  increase  in  the 
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Table  VII.  Relative  Oxidizer  Strengths  (FPD  Values)  of  Oxyfluorides  Resulting  from  the  Stepwise  Replacement  of  Two  Fluorine  Ligands  by  a 
Doubly  Bonded  Oxygen  Ligand  (i.e.,  Fluorine-Oxygen  Exchange  Reactions) _ _ _ _ 
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oxidizer  strength  of  the  product  than  the  replacement  of  any  of 
the  other  free  pairs.  As  for  the  binary  fluoride  cations  (see  above), 
the  FPD  values  increase  for  isotypic  cations  with  increasing  atomic 
weight  of  the  central  atom.  Again,  the  only  exception  is  Br(+VII), 
which  is  a  slightly  stronger  oxidizer  than  C1(+VII).31 

(ii)  Stepwise  Replacement  of  Free  Valence  Electron  Pairs  on 
the  Central  Atom  by  Oxygen  Ligands  (Le^  Oxidative  Oxygenation 
Reactions).  Although,  in  oxidative  oxygenation  reactions,  the 
replacement  of  a  free  valence  electron  pair  by  a  doubly  bonded 
oxygen  ligand  increases  again  the  formal  oxidation  state  of  the 
central  atom  by  two,  its  coordination  number  remains  unchanged. 
As  observed  above  for  the  oxidative  fluorination  reactions,  the 
most  salient  feature  is  again  the  large  decrease  in  the  FPD  value 
on  replacement  of  the  last  free  valence  electron  pair.  For  the 
replacement  of  any  of  the  other  pairs,  the  FPD  values  of  all  our 
examples  actually  increase;  i.e.,  in  these  cases  oxidative  oxygen¬ 


ation  results  in  a  weaker  oxidizer.  This  is  a  highly  remarkable 
and  unexpected  result.  The  only  previous  indication  for  the  ex¬ 
istence  of  such  an  effect  was  based  on  normal  coordinate  analyses 
for  some  of  these  ions,  which  showed  that,  for  XF„Om-type  com¬ 
pounds,  frequently  the  X-F  force  constants  decreased  with  oxi¬ 
dative  oxygenation.35  In  these  compounds,  a  weakening  of  the 
force  constant  implies  an  increase  of  the  X<a+)  -  F<i_)  polarity  of 
the  X-F  bond  which  counteracts  the  F-plus  dissociation  (FPD), 
thereby  increasing  the  FPD  value  and  decreasing  the  oxidizer 
strength  of  the  species. 

(iii)  Stepwise  Replacement  of  Two  Fluorine  Ligands  by  a  Doubly 
Bonded  Oxygen  Ligand  (i.e.,  Fluorine-Oxygen  Exchange  Reac¬ 
tions).  In  fluorine-oxygen  exchange  reactions,  two  singly  bonded 


(35)  Christe,  K.  O.;  Schack,  C.  J.  Adv.  Inorg.  Chem.  Radiochem.  1976, 
18,  331. 
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Table  VIII.  Comparison  between  Intuitively  Predicted  Qualitative 
and  Calculated  Oxidizer  Strengths  for  Fluorides  and  Oxyfluorides  of 
Chlorine  and  Xenon 
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+VI 

XeF02+ 

195.3 

fluorine  ligands  are  replaced  by  one  doubly  bonded  oxygen  ligand. 
Therefore,  the  formal  oxidation  state  of  the  central  atom  remains 
the  same  but  its  coordination  number  is  decreased  by  one.  Since 
the  formal  oxidation  state  does  not  change,  the  number  of  free 
valence  electron  pairs  on  the  central  atom  also  remains  constant. 
Hence,  a  study  of  the  trends  of  the  FPD  values  in  fluorine-oxygen 
exchange  reactions  is  ideally  suited  for  the  elimination  of  the  strong 
effect  exercised  by  a  change  in  the  number  of  free  valence  electron 
pairs  (see  above)  and  for  an  analysis  of  the  influence  caused  by 
a  change  in  the  coordination  numbers,  i.e.,  of  steric  effects.  In 
the  absence  of  any  steric  effects,  the  oxidizing  strength  should 
monotonically  decrease  (i.e.,  the  FPD  values  increase)  with  the 
stepwise  replacement  of  two  fluorines  by  one  oxygen.  Inspection 
of  Table  VII,  however,  clearly  shows  that  the  FPD  values  do  not 
change  monotonically,  and  that  pseudooctahedral  and  pseudo- 
tetrahedral  species  are  considerably  weaker  oxidizers  than  pseu- 
do-pentagonal-bipyramidal,  pseudo-trigonal-bipyramidal,  and 
pseudo-trigonal-planar  species.  This  effect  is  most  pronounced 
for  the  transitions  from  the  HalF<+  to  the  HalF40+  cations. 
Instead  of  increasing  FPD  values,  they  exhibit  a  systematic  de¬ 
crease  by  about  II  kcal  mol'1.  The  surprising  implication  that 
HalF40+  cations  are  significantly  stronger  oxidizers  than  the 
corresponding  HalF6+  cations  is  in  accord  with  our  past  experi¬ 
mental  failures  to  synthesize  these  HalF40+  cations. 


Conclusions 

Local  density  functional  calculations  are  well-suited  for  the 
calculation  of  the  geometries  and  relative  energies  of  oxidative 
fluorinators.  The  oxidizing  strength  of  oxidative  fluorinators  is 
determined  by  their  F+  detachment  energies.  A  relative  scale  of 
FPD  values  can  be  obtained  from  the  LDF  calculations  and  can 
be  converted  to  an  absolute  scale  by  the  choice  of  a  suitable  zero 
point  (FPD  of  F+  =  0)  and  an  experimentally  known  FPD  value 
(KrF*  in  this  study). 

An  analysis  of  the  oxidizer  strengths,  calculated  in  the  above 
manner  for  36  oxidative  fluorinators,  shows  that  the  results  are 
self-consistent  and  exhibit  some  expected,  but  also  some  highly 
unexpected  features.  Obviously,  the  oxidizing  strength  is  governed 
to  a  large  extent  by  the  oxidation  state  and  electronegativity  of 
the  central  atom  and  the  fact  that  the  contribution  of  one  doubly 
bonded  oxygen  is  less  than  that  of  two  singly  bonded  fluorine 
ligands.  Among  the  less  expected  features  are  the  following:  (i) 
the  presence  of  one  or  more  free  valence  electron  pairs  on  the 
central  atom  strongly  decreases  the  oxidizing  strength  of  a  species, 
and  (ii)  the  oxidizer  strengths  of  pseudooctahedral  and  -tetrahedral 
species  are  depressed  relative  to  those  of  pseudopentagonal  or 
-trigonal-bipyramidal  and  -trigonal-planar  ions.  Thus,  a  simplistic 
picture  is  inadequate,  that  is,  that  the  oxidizer  strength  should 
be  governed  exclusively  by  the  oxidation  state  of  the  central  atom 
and  that,  in  case  of  similar  values  between  a  binary  fluorine  and 
oxyfluorides,  the  species  with  the  larger  number  of  fluorine  ligands 
will  be  the  stronger  oxidizer.  This  is  demonstrated  by  Table  VIII, 
which  shows  a  comparison  between  intuitive  qualitative  predictions 
and  the  quantitative  results  from  our  calculations  for  the  fluorides 
and  oxyfluorides  of  chlorine  and  xenon.  For  the  chlorine  com¬ 
pounds,  the  top  placement  of  C1F40+  and  last  placement  of 
C1F20+  are  highly  unexpected.  Similarly,  the  last  rank  of  XeF02+ 
and  the  position  of  XeF5+  below  XeF3+  and  the  high  ranking  of 
XeF*  are  a  total  surprise,  but  can  be  understood  on  the  basis  of 
the  above  analysis. 

The  availability  of  a  quantitative  oxidizer  strength  scale  is 
expected  to  significantly  contribute  to  our  understanding  of  ox¬ 
idizer  chemistry  and  to  the  future  syntheses  of  novel  and  known 
oxidative  fluorinators.  It  also  stresses  the  importance  of  employing 
high  activation  energy  sources  such  as  discharges  or  plasmas  to 
generate  intermediate  F+  cations,  if  novel  oxidizers  are  desired 
which  are  more  powerful  than  KrF+. 
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2.1.  INTRODUCTION 

Fluorine-oxygen  exchange  reactions  play  an  important  role  in  synthetic 
chemistry.  Although  numerous  methods  and  reagents  have  been  described  for 
these  exchange  reactions,  the  emphasis  of  these  studies  has  been  almost 
exclusively  on  the  selective  replacement  of  oxygen  by  fluorine.  For  example, 
SF4‘  and  its  derivatives,  such  as  SF3N(CH3)2,2  have  been  widely  used  to 
convert  carbonyl  groups  to  CF2  groups,  and  inorganic  oxides  can  be  trans¬ 
formed  into  fluorides  by  reagents  such  as  HF,  F2,  or  halogen  fluorides.3 
However,  much  less  attention  has  been  paid  to  the  opposite  reaction,  that  is,  the 
conversion  of  fluorides  to  oxyfluorides.  This  is  not  surprising  because  generally 
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oxides  are  more  readily  preparable  than  fluorides,  and  many  fluorides  undergo 
facile  hydrolysis  to  the  corresponding  oxyfluorides  and  oxides. 

For  the  replacement  of  fluorine  by  oxygen,  hydrolysis  is  the  most  frequently 
used  method.  For  highly  fluorinated  compounds  of  the  more  electronegative 
elements,  however,  these  hydrolysis  reactions  often  present  significant  experi¬ 
mental  difficulties,  particularly  when  a  controlled  and  stepwise  replacement  of 
fluorine  by  oxygen  is  desired.  The  hydrolysis  reactions  of  these  compounds  are 
often  violent,  as  found  for  XeF64-5  or  C1F3,6  and  require  careful  moderation. 
Thus,  Si02  combined  with  a  trace  of  HF  can  be  used  for  the  slow  formation  of 
water  (Eq.  2.1),  followed  by  a  continuous  regeneration  of  the  HF  during  the 
hydrolysis  of  the  fluoride  starting  material  (Eq.  2.2).  This  approach  has  been 
demonstrated  previously  for  compounds  such  as  IF7.7~10 

Si02  +  4HF  -*  SiF4  +  2HzO  (2.1) 

IF7  +  H20  -  IOF5  +  2HF  (2.2) 

Another  approach  to  moderate  otherwise  violent  or  uncontrollable  hydro¬ 
lysis  reactions  involves  the  use  of  suitable  solvents,  such  as  HF,  and  of 
stoichiometric  amounts  of  water,  as  reported  for  XeF6  5(Eq.  2.3). 

HF 

XeF6  +  H20  XeOF4  +  2HF  (2.3) 

In  spite  of  the  above  improvements  in  the  techniques  of  hydrolyzing  highly 
reactive  fluorides,  these  reactions  remain  experimentally  challenging  and  often 
are  dangerous5  and  difficult  to  scale  up.  Consequently,  alternate  reagents  that 
allow  the  safe,  easily  controllable,  and  stepwise  replacement  of  fluorine  by 
oxygen,  are  highly  desirable. 

Previously  investigated  examples  for  such  alternate  reagents  include 
SiF3OSiF3,  Se02F2,  POF3,  and  several  oxides.  Most  of  these  alternate  reagents 
exhibit  drawbacks.  Thus,  SiF3OSiF3  reacted  with  XeF6  (Eq.  2.4), 

XeF6  +  SiF3OSiF3  -  XeOF4  +  2SiF4  (2.4) 

but  did  not  work  for  IF7,  BrF5,  and  so  on.1 1  Similarly,  the  highly  toxic  Se02F2 
was  demonstrated  only  for  XeF6  (Eq.  2.5). 12 

XeF6  +  Se02F2  — ►  XeOF4  +  SeOF4  (2.5) 

The  most  versatile  of  these  alternate  reagents  appears  to  be  POF3,  which 
reacted  with  XeF6  (Eq.2.6),13  UF6  (Eq.2.7),14  C1F5,14  and  IF7  (Eq.2.8).15 


XeF6  +  POF3 

-  XeOF4  +  PF5 

(2.6) 

uf6  +  POF3 

-  UOF4  +  PF5  - 

(2.7) 

if7  +  pof3 

-  iof5  +  pf5 

(2.8) 
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Most  of  the  previously  reported,  oxide  based  fluorine- oxygen  exchange 
reactions,  such  as  (Eqs.  2.9, 10  2. 10, 16  or  2.11 17 

IF7  +  I2Os  -  IOF5  +  2I02F  (2.9) 

4C1F3  +  6NaC103  -*  6C102F  +  6NaF  +  2C12  +  302  (2.10) 

2BrFs  +  CsI04  -  2BrOF3  +  CsI02F4  (2.1 1) 

represent  useful  syntheses  for  specific  compounds,  but  the  exchange  reagents 

have  not  been  studied  systematically. 

Several  years  ago,  while  studying  the  compatibility  of  the  nitrate  and  sulfate 
anions  with  various  halogen  fluorides,18  we  surprisingly  found  that  these  anions 
are  excellent,  general  reagents  for  fluorine-oxygen  exchange.  Since  then,  we 
have  systematically  investigated  the  scope  of  these  reactions  and  we  present  a 
summary  of  our  results  in  this  chapter. 


2.2.  REACTIONS  OF  THE  NITRATE  ANION 
2.2.1.  Xenon(VI)  Fluoride  and  Oxyfluorides 

Xenon  hexafluoride  is  an  ideal  test  case  for  the  general  usefulness  of  a  fluorine- 
oxygen  exchange  reagent  since  it  can  undergo  stepwise  fluorine  replacement 
(Eq.  2.12).  When  preparing  XeOF4  and  Xe02F2, 

XeF6  -  XeOF4  -  Xe02F2  -  Xe03  (2.12) 

precise  control  of  the  stepwise  exchange  is  of  utmost  importance  because  of  the 
shock  sensitivity  of  the  potential  by-product  Xe03.  Other  important  aspects, 
besides  high  yields  and  ready  availability  of  the  exchange  reagent,  are  the  ease  of 
product  separation  and  mild  reaction  conditions  to  avoid  product 
decomposition. 

In  our  studies19  it  was  found  that  NaN03  is  best  suited  for  the  conversion  of 
XeF6  to  XeOF4  (Eq.  2.13). 

XeF6  +  NaN03  XeOF4  +  NaF  +  N02F  (2.13) 

The  formation  of  Xe02F2  can  be  suppressed  by  the  use  of  a  moderate  excess  of 
XeF6.  The  excess  of  XeF6  is  readily  separable  from  the  desired  XeOF4  because 
at  the  reaction  temperature  it  forms  stable  NaXeF7  and  Na2XeF8  salts  with  the 
NaF  by-product.  The  only  other  volatile  by-product  is  N02F,  which  is  much 
more  volatile  than  XeOF4  and  can  be  separated  easily  from  the  XeOF4  by 
fractional  condensation  through  traps  kept  at  —78  and  — 196 °C.  The  yields  of 
XeOF4  are  about  80%  based  on  the  limiting  reagent  NaN03.  The  use  of  other 
alkali  metal  nitrates  is  less  desirable.  In  the  case  of  CsN03  the  resulting  CsF 
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complexes  XeOF4  with  formation  of  CsXeOF520-22  and  for  LiNOs  the 
resulting  LiF  does  not  complex  any  unreacted  XeF6  starting  material. 

For  the  conversion  of  XeOF4  to  Xe02F2,  the  use  of  alkali  metal  nitrates  is 
possible  but,  due  to  the  relative  involatility  of  Xe02F2  and  its  ease  of  forming 
stable  Xe02F^  salts,  N2Os  is  the  preferred  reagent.23  In  the  solid  state,  N205 
has  the  ionic  structure  N02N03  24-25  and  reacts  with  XeOF4  according  to  (Eq. 
2.14). 


XeOF4  +  N02+N03  — 25°C  ■>  Xe02F2  +  2N02F  (2.14) 

I  5h 

In  this  manner  and  by  the  use  of  an  excess  of  XeOF4,  the  only  product  of  low 
volatility  is  Xe02F2,  thus  allowing  for  an  efficient  product  separation.  Again, 
the  formation  of  Xe03  was  suppressed  by  the  use  of  a  slight  excess  of  XeOF4 
starting  material,  and  the  yield  of  Xe02F2  was  essentially  quantitative.  The  only 
minor  complication  in  this  Xe02F2  synthesis  is  the  formation  of  an  unstable 
N02  [Xe02F3  •nXe02F2]_  type  adduct  between  N02F  and  Xe02F2,  which 
requires  prolonged  pumping  on  the  product  at  room  temperature  to  ensure 
complete  N02F  removal  from  the  Xe02F2.23 

Conversion  of  either  XeF6,  XeOF4,  or  Xe02F2  to  the  highly  explosive  Xe03 
can  be  achieved  by  their  reactions  with  excess  N205.23  However,  no  detailed 
studies  were  carried  out  on  these  systems  due  to  the  sensitivity  of  Xe03. 


2.2.2.  Chlorine  Fluorides  and  Oxyfluorides 

Excess  NaN03  readily  reacts  with  C1F  at  subambient  temperatures  to  give  NaF 
and  C10N02  (Eq.  2.15).26 

C1F  +  NaN03  -*  NaF  +  C10N02  (2.15) 

The  yield  of  C10N02>  however,  was  only  about  75%  because  of  the  competing 
reaction  (Eq.  2.16)  which  is  favored  by  an  excess  of  C1F. 

C1F  +  C10N02  -  C120  +  N02F  (2.16) 

With  a  sufficiently  large  excess  of  C1F,  the  overall  reaction  then  becomes  (Eq. 
2.17). 


2C1F  +  NaN03  -  C120  +  NaF  +  NOzF  (2.17) 

In  addition  to  the  NaF,  C10N02,  and  N02F  products,  smaller  amounts  of  Cl2 
and  C102F  were  also  observed  as  by-products  due  to  the  side  reactions  (Eqs. 
2.18  and  2.19),  which  result  in  the  following  net  reaction  (Eq.  2.20). 


2C1F  +  2C120  -►  2[FC10]  +  2C12 


(2-18) 
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2[FC10]  -C1F  +  C102F  (2.19) 

CIF  +  2C120  -  C102F  +  2C12  (2.20) 

Thus,  C1F  readily  undergoes  fluorine-oxygen  exchange  with  the  NO3  anion 
with  the  ratio  of  the  major  products,  C10N02  and  C120,  depending  on  the 
stoichiometry  of  the  reactants.  Smaller  amounts  of  Cl2  and  C102F  formed  in 
this  system  are  due  to  side  reactions. 

In  the  case  of  C1F3,  the  main  reaction  with  the  NOJ  anion  is  again  a  facile 
fluorine-oxygen  exchange  (Cl.  2.2 1)26 

ClFj  +  NaN03  2yC-  >  [FCIO]  +  NaF  +  N02F  (2.21) 

with  the  thermally  unstable  FCIO  either  undergoing  disproportionation  (Eq. 
2.22)  or  decomposition  (Eq.  2.23). 

2[FC10]  -  C1F  +  C102F  (2.22) 

2[FC10]  -  2C1F  +  02  (2.23) 

The  formation  of  C1F,  C102F,  02,  and  N02F  is  favored  by  the  use  of  an  excess 
of  C1F3.  If,  however,  a  large  excess  of  NaN03  is  used,  side  reactions  (Eqs.  2.15, 
2.24,  2.25)  are  also  observed. 

N02F  +  NaN03  -  N2Os  +  NaF  (2.24) 

C102F  +  NaN03  -  C10N02  +  02  +  NaF  (2.25) 

The  compound  C1F5  also  reacts  readily  at  room  temperature  with  nitrates.26 
Even  in  the  presence  of  a  large  excess  of  C1FS,  the  fluorine-oxygen  exchange 
cannot  be  stopped  at  the  C!OF3  stage  but  proceeds  all  the  way  to  C102F 
(Eq.  2.26). 


C1F5  +  2MN03  25 °C  >  C102F  +  2NOzF  +  2MF  (2.26) 

(M  =  Li,  Na,  K,  Rb,  and  Cs) 

This  is  in  marked  contrast  to  BrF5  and  IF5  (see  below)  and  is  due  to  the 
extraordinary  reactivity  of  C10F3,  which  is  much  more  reactive  than  C1F5.27 
Attempts  to  trap  the  intermediately  formed  ClOF 3  as  M  +  CIOF4  salts  were  also 
unsuccessful  indicating  that  the  complexation  of  ClOFj  with  MF  is  slower  than 
its  fluorine-oxygen  exchange  with  the  nitrate  anion. 

When  a  large  excess  of  nitrate  is  used  in  the  reaction  of  C1F5  with  MN03  (Eq. 
2.26),  the  C102F  product  can  undergo  further  fluorine-oxygen  exchange  with 
NO3  (Eq.  2.25). -This  was  confirmed  by  separate  experiments  between  C102F 
and  either  LiN03  or  N02  NO3 .26 
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Thus,  all  the  chlorine  fluorides  and  oxyfluorides,  except  for  the  highly 
unreactive  C103F,27  undergo  rapid  fluorine-oxygen  exchange  with  the  nitrate 
anion.  Due  to  the  high  reactivity  of  C10F3  and  in  contrast  to  BrFs  and  IF5,  a 
controlled  single  step  fluorine-oxygen  exchange  in  CIF5  could  not  be  realized 
(see  note  added  in  proof). 


2.2.3.  Bromine  Pentafluoride 

The  reactions  of  BrF5  with  M+N03  serve  as  excellent  examples  of  how  the 
nature  of  the  products  can  be  influenced  by  the  appropriate  choices  of  the  M  + 
cation  and  the  reaction  stoichiometries.18-28  With  an  excess  of  BrFs  and  M 
being  either  Na,  K,  Rb,  or  Cs,  the  corresponding  M  +  BrOF4  salts  can  be 
prepared  in  70- 100%  yield  under  very  mild  ( —  30  to  25  °C)  conditions  (Eq.  2.27). 

BrFs  +  MN03  -3— -25°C>  MBrOF4  +  N02F  (2.27) 

excess  BrP  j 

(M  =  Na,  K,  Rb,  and  Cs) 

Since  lithium  does  not  form  a  stable  LiBrOF4  salt,  the  reaction  of  LiN03  with 
excess  BrF5  (Eq.  2.28)  can  be  used  for  a  convenient  synthesis  of  free  BrOF3. 

BrFs  +  LiN03  - — — ►  BrOF3  +  LiF  +  N02F  (2.28) 

excess  BrFs 


Since  BrOF3  is  considerably  less  volatile  than  BrFs,  the  two  can  be  separated 
readily  by  fractional  condensation  or  distillation. 

While  the  use  of  an  excess  of  BrF5  results  in  the  single-step  replacement  of 
two  fluorines  by  one  oxygen,  the  application  of  a  1 : 3  mol  ratio  of  BrFs :  LiN03 
causes  complete  fluorine-oxygen  exchange  with  Br0N02  formation  (Eq. 
2.29).28 

BrFs  +  3LiN03  - — - >•  BrONOz  +  3LiF  +  02  +  2NQ2F  (2.29) 

excess  LiN03 

If  the  BrF5:LiN03  mole  ratio  is  further  changed  to  1:5  or  greater,  N2Os  is 
produced  (Eq.  2.30) 

2NOzF  +  2LiN03  -  N02+N03~  +  2 LiF  (2.30) 

which  can  react  with  BrONQ2  (Eq.  2.3 1).28 


N02+N03-  +  BrON02  ^  N02+[Br(0N02)2]" 


(2.31) 
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2.2.4.  Iodine  Fluorides  and  Oxyfluorides 

The  reactions  of  IF  and  IF3  with  nitrates  were  not  studied  since  IF  and  IF3  are 
relatively  unstable  and  easily  disproportionate  to  I2  and  IFS.  With  excess  IF5, 
the  alkali  metal  nitrates  undergo  a  controlled,  single-step  fluorine-oxygen 
exchange  to  form  the  corresponding  MIOF4  salts  (Eq.  2.32).29 

IFj  +  MN03  -  MIOF4  +  N02F  (2.32) 

(M  =  Li,  K,  Cs) 

However,  these  reactions  are  more  sluggish  than  the  corresponding  BrFs 
reactions.  As  a  consequence,  the  side  reaction  (Eq.  2.33) 

N02F  +  MN03  -  N2Os  +  MF  (2.33) 

becomes  faster  than  the  previous  reaction  (Eq.  2.32)  resulting  in  an  equal 
consumption  of  MN03  by  its  reactions  with  IF5  and  N02F  (Eqs.  2.32  and  2.33). 
Furthermore,  the  following  reactions  (Eqs.  2.34  and  2.35)  also  become 
competitive, 


KF  +  IF5  -»  KIF6  (2.34) 

CsF  +  3IF5  -  CsI3F,6  (2.35) 

and  some  of  the  N2Os  decomposes  to  N204  +  02  under  these  conditions. 
Consequently,  the  MIOF4  salts  prepared  in  this  manner,  usually  contain 
substantial  amounts  of  IFg  and  I3F16  salts  as  by-products. 

From  the  reaction  of  excess  IF7  with  either  LiN03  or  NaN03,  no  IOFs  is 
isolated.  Instead,  IFS  and  Oz  are  obtained  (Eq.  2.36), 

IF7  +  MNOj  ■■  ■>  IF5  +  jOz  +  MF  +  N02F  (2.36) 

indicative  of  a  competing  deoxygenation  reaction.29  In  the  case  of  CsN03,  the 
same  deoxygenation  occurs  but  the  CsF  product  reacts  with  IF5  and  IF7  to  give 
CsI3F  16  and  CsIF8,  respectively.  If  an  excess  of  MN03  is  used,  the  IF5  product 
can  react  further  with  MN03  and  form  MIOF4  salts  (Eq.  2.32).  It  was  further 
experimentally  confirmed  that  IOF5  does  not  undergo  fluorine-oxygen 
exchange  giving  I02F3,  but  loses  oxygen  giving  IF5,  which  then  undergoes 
fluorine-oxygen  exchange  with  formation  of  IOF4  salts  (Eq.  2.32).29 

The  fact  that  IF7  readily  undergoes  fluorine -oxygen  exchange  either  during 
controlled  hydrolysis7- 10  or  with  POF3,15  but  not  with  the  N03  anion 
remains  somewhat  a  puzzle.  It  has  previously  been  speculated29  that  this  lack  of 
fluorine-oxygen  exchange  in  the  IF7-nitrate  system  might  be  due  to  either  the 
instability  of  an  intermediate  IOFg  anion  or  the  lack  of  a  free  valence  electron 
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pair  on  the  iodine  central  atom  of  IF7.  Since  then,  however,  we  have  synthesized 
and  characterized  stable  IOFg  salts30;  thus,  the  first  explanation  can  be  ruled 
out. 

2.2.5.  Carbonyl  Fluoride 

The  nitrate  anion  can  also  exchange  carbon  bonded  fluorine  for  oxygen.  This 
was  demonstrated31  for  carbonyl  fluoride,  COF2  (Eq.  2.37). 

e<°p 

COF2  +  MN03  — >  C02  +  MF  +  N02F  (2.37) 

(M  =  Li  and  Na) 

The  reactions  were  carried  out  in  a  steel  cylinder  and,  in  this  manner,  essentially 
quantitative  yields  of  N02F  are  obtainable.  This  reaction  is  remarkable  because 
it  is  a  very  rare  example  for  the  formation  of  a  nitrogen-fluorine  bond  using  a 
fluorinating  agent  as  mild  as  COF2.  Furthermore,  it  is  interesting  that  the 
heavier  alkali  metal  nitrates,  such  as  CsN03,  do  not  react  under  these 
conditions  with  COF2.  This  was  explained31  by  thermochemical  calculations, 
which  show  that  for  Li  and  Na  the  AH  values  are  still  favorable  but  become 
increasingly  more  positive  for  the  heavier  alkali  metals.  It  should  be  noted  that 
all  the  AH  values  given  in  Ref.  31  are  slightly  in  error32  by  - 1 1  kcal  mol  “  \  but 
that  the  general  trend  remains  the  same  for  the  different  alkali  metals. 


2.2.6.  Mechanism  of  the  Fluorine-Oxygen  Exchange  Involving 
Nitrates 

Of  the  nitrate  based  fluorine-oxygen  exchange  reactions  studied  so  far,  the 
simplest  case  is  that  of  MNOa  and  C1F,  which  yields  MF  and  C10N02 
(Eq.  2.15).26  Assuming  for  the  more  highly  fluorinated  starting  materials  an 
analogous  first  reaction  step  (Eq.  2.38), 

XF„  +  MN03  -  F(n_  „X0N02  +  MF  (2.38) 

the  formation  of  an  intermediate  F(n_1)X0N02  is  expected.  This  intermediate 
could  easily  undergo  an  internal  nucleophilic  substitution  (SNi)  reaction,18 
accompanied  by  NOzF  elimination  (Eq.  2.39). 
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Such  a  mechanism  could  account  for  the  generally  observed  reaction  products, 
MF,  N02F,  and  the  corresponding  oxyfluoride.  If  the  oxyfluoride  end  product 
is  amphoteric  and  can  form  a  stable  salt  with  the  cogenerated  alkali  metal 
fluoride,  then  this  salt  is  observed  as  the  final  product  (Eq.  2.40). 

XOF(n_2)  +  MF  -*  M+[XOF(n_n]-  (2.40) 

If,  as  for  the  C1F  +  NOJ  reaction  (Eq.  2.15),  the  resulting  nitrate  intermediate 
no  longer  contains  a  fluoride  ligand,  N02F  elimination  becomes  impossible, 
and  the  halogen  nitrate  becomes  the  final  product. 

All  the  nitrate  reactions  studied  so  far  seem  to  follow  this  pattern,  except  for 
the  IF7  case  where  deoxygenation  of  the  expected  IOF5  product  occurred 
(Eq.  2.36).  Since  the  IF7  +  MN03  reactions  require  elevated  temperatures  and 
conditions  under  which  IOF5  can  undergo  deoxygenation,29  the  latter  might  be 
a  secondary  reaction,  and  the  IF7  +  MN03  reaction  might  involve  the  same 
primary  steps  as  all  the  other  nitrate  reactions. 


2.3.  REACTIONS  OF  THE  SULFATE  ANION 

The  reactions  of  the  sulfate  anion  with  highly  fluorinated  compounds  of  the 
more  electronegative  elements  resemble  those,  of  the  nitrate  anion.  Again, 
fluorine-oxygen  exchange  occurs  but  this  exchange  generally  stops  at  the 
S03F~  level  (Eq.2.41), 

XF„  +  M2S04  -  XOF(n_2)  +  MS03F  +  MF  (2.41) 

and  does  not  proceed  further  to  the  S02F2  stage  (Eq.  2.42).33 

XF„  +  MSOjF  -  XOF(„_2(  +  S02F2  +  MF  (2.42) 

Since  MS03F  is  a  nonvolatile  solid,  whereas  NOzF  is  a  volatile  gas,  the  use  of 
M2S04  may  be  more  convenient  than  that  of  MN03  if  the  desired  product  is 
volatile  but  either  complexes  with  N02F  or  is  difficult  to  separate  from  it. 
Compared  to  the  nitrate  anion,  the  sulfate  anion  is  less  reactive  and  requires 
longer  reaction  times  and/or  higher  temperatures.  Consequently,  the  reactions 
of  the  sulfate  anion  were  not  studied  as  extensively  as  those  of  the  nitrate  anion 
and  were  limited  to  the  following  examples. 

2.3.1.  Bromine  Pentafluoride 

At  room  temperature  Cs2S04  readily  undergoes  fluorine-oxygen  exchange 
with  BrF5  (Eq.  2.43).33 


25  ”C 
- > 


CsBrOF4  +  CsS03F 


BrFs  +  Cs2S04 


lday 


(2.43) 
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Even  with  an  80-fold  excess  of  BrF5,  the  fluorine-oxygen  exchange  did  not 
proceed  past  the  CsS03F  stage.  Attempts  were  made  to  use  this  reaction  for  the 
synthesis  of  free  BrOF3  by  the  replacement  of  Cs2S04  with  Li2S04  since  lithium 
does  not  form  a  stable  BrOF4  salt.  Under  conditions  (0°C,  1  day),  which 
worked  well  for  LiN0328,  no  reaction  was  observed  for  Li2S04.  This  shows  that 
the  S04“  anion  is  less  reactive  than  N03 . 

2.3.2.  Iodine  Fluorides 

Reaction  temperatures  in  excess  of  70 °C  were  required  to  initiate  a  slow  reaction 
between  IF7  and  Li2S04.  Even  at  this  temperature,  the  conversion  of  the 
Li2S04  was  only  about  6-7%.  As  in  the  case  of  N03 ,  deoxygenation  of  the 
IOF5  occurred  and  IF5  and  02  were  the  observed  products  (Eq.  2.44).34 

IF7  +  Li2S04  7°°C  >  IF5  +  0.5O2  +  LiS03F  +  LiF  (2.44) 

Attempts  to  convert  IOF5  with  Li2S04  to  I02F3  at  75 °C  were,  as  in  the  case  of 
NO^,  also  unsuccessful.34 

2.3.3.  Xenon  Fluorides 

At  room  temperature,  excess  XeF6  reacts  with  Li2S04  to  give  the  expected 
XeOF4  in  high  yield  (Eq.  2.45).34 

XeF6  +  Li2S04  -  25 "C  >  XeOF4  +  LiS03F  +  LiF  (2.45) 

The  XeOF4  can  be  reacted  further  with  Li2S04  to  give  Xe02F2  in  modest  yield 
(Eq.2.46).34 


XeOF4  +  Li2S04  XeOzF2  +  LiS03F  +  LiF  (2.46) 

As  in  the  case  of  N03,  care  must  be  taken  to  use  excess  XeOF4  to  avoid  the 
formation  of  explosive  Xe03. 


2.4.  SUMMARY 

Oxoanions,  such  as  N03  or  SO|“,  are  effective,  readily  available,  nontoxic,  and 
low  cost  reagents  for  controlled,  stepwise  fluorine-oxygen  exchange  in  highly 
fluorinated  compounds  of  the  more  electronegative  elements.  Product  sep¬ 
arations  can  be  facilitated  greatly  by  appropriate  choices  of  the  anion,  the 
countercations  and  the  mole  ratios  of  the  reagents.  The  reactions  appear  to  be 
quite  general,  controllable,  safe,  and  scalable. 
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Osmium  Tetrafluoride  Dioxide,  OSF4O2:  a  New  Osmium(vm)  Oxide  Fluoride 
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The  reaction  of  OSO4  with  KrF2  in  anhydrous  HF  produces  cis- 0sF402  and  not  OsFgO  as  previously  reported. 


Of  the  three  possible  mononuclear  oxide  fluorides  of  osmium 
in  its  +vm  oxidation  state,  0sF60,  OsF402  and  0sF203,  only 
the  latter  had  been  well  known  and  characterized.  >-3  Attempts 
to  prepare  the  other  two  oxide  fluorides  had  not  only  failed, 
but  also  suggested  that  such  compounds  will  disproportionate 
readily. 2-4-5  Very  recently,  a  new  osmium(vm)  oxide  fluoride 
was  prepared  at  Saclay  and  identified  as  0sF60  by  elemental 
analysis.  X-ray  powder  data  and  vibrational  spectroscopy.6 

During  an  ongoing  effort  at  Rocketdyne  on  highly  coordi¬ 
nated,  high  oxidation  state  compounds,  including  several 
XF60  type  ions,7  a  poor  agreement  between  the  vibrational 
spectra  of  the  alleged  0sF60  and  the  other  XFfiO  ions  was 
noticed,  and  the  Saclay  experiments  were  repeated  at  Rock¬ 
etdyne.  The  following  results  establish  that  the  new  osmium- 
(vm)  oxide  fluoride,  discovered  at  Saclay,  is  not  0sF60  but 
cw-0sF402.  Further  characterization  of  the  material  carried 
out  independently  at  Saclay  also  led  to  this  conclusion. 

The  synthesis  of  the  new  osmium(vin)  oxide  fluoride  was 
carried  out  from  0s04  and  an  excess  of  KrF2  in  anhydrous  HF 
solution,  as  previously  described.6  A  careful  separation, 
measurement  and  identification  of  all  reactants  and  reaction 
products  by  both  pressure-volume-temperature  measure¬ 
ments  for  the  volatile  species  and  weights  for  all  of  them 
established  the  following  quantitative  1:2  reaction  (1).  The 
excess  of  KrF2  used  was  recovered  unchanged. 

Os04  +  2KrF2  —  0sF402  +  2Kr  +  02  (1) 

The  physical  properties  of  the  osmium  oxide  fluoride 
prepared  in  this  manner  (burgundy-red  solid,  m.p.  90°C, 
vapour  pressure  —  1  Torr  at  room  temperature),  its  X-ray 
powder  diffraction  pattern  and  vibrational  spectra  were  within 


cis- 0sF402  (rans-0sF402 


experimental  error  identical  to  those  previously  reported6  and 
leave  no  doubt  that  the  two  compounds  are  the  same.t 
One  of  the  authors  (K.  O.  C.)  thanks  the  US  Air  Force 
Phillips  Laboratory  and  the  US  Army  Research  Office  for 
financial  support. 

Received,  1st  May  1992;  Com.  2/02263J 

References 

1  M.  A.  Hepworth  and  P.  L.  Robinson.  J.  Inorg.  Nucl.  Chem.,  1957, 
4,  24. 

2  Nguyen-Nghi  and  N.  Bartlett,  C.  R.  Acad.  Sci.  Paris  Sec.  C,  1969, 
269.  756. 

3  E.  G.  Hope,  W.  Levason  and  J.  S.  Ogden,  J.  Chem.  Soc.,  Dalton 
Trans.,  1988,  61  and  997. 

4  W.  E.  Falconer,  F.  J.  Dissalvo,  J.  E.  Griffiths,  F.  A.  Stevie,  W.  A. 
Sunder  and  M.  J.  Vasile,  J.  Fluorine  Chem.,  1975,  6,  499. 

5  J.  H.  Holloway  and  D.  Laycock,  Adv.  Inorg.  Chem.  Radiochem., 
1984,  28.  85. 

6  R.  Bougon,  J.  Fluorine  Chem.,  1991,  S3,  419. 

7  K.  O.  Christe,  J.  C.  P.  Sanders,  G.  J.  Schrobilgen  and  W.  W. 
Wilson.  J.  Chem.  Soc..  Chem.  Commun.,  1991,  837. 

8  K.  O.  Christe.  R.  D.  Wilson  and  C.  J.  Schack,  Inorg.  Chem.,  1985, 
20,  2104. 


7  Vibrational  spectra:  The  IR  and  Raman  spectra  of  the  solid  and  the 
Raman  spectrum  of  an  HF  solution  were  recorded.  The  general 
pattern  of  these  spectra  resembles  that8  of  cm-IF402~  more  closely 
than  those7  of  IFftO-  and  TeF602~.  Furthermore,  two  Raman  bands 
at  942  and  932  cm-'  are  observed  for  the  solid  in  the  0s=0  stretching 
region  that  had  previously  been  interpreted6  as  being  due  to  a  crystal 
field  splitting  of  an  0s=0  group  containing  a  single  oxygen  atom.  The 
present  study,  however,  shows  that  in  HF  solution  this  splitting  is 
retained  and  suggests  the  presence  of  more  than  one  oxygen  atom  in 
the  molecule. 

I9F  NMR  spectrum:  The  ,9F  NMR  spectrum  of  the  new  osmium 
oxide  fluoride  in  HF  solution  was  recorded  and  exhibits  an  A2B2 
pattern,  i.e.  two  almost  identical  1:2:1  triplets  at  b  61.3  and  14.7 
downfield  from  external  CFCU  with  7FF  136  Hz.  No  other  signals  were 
observed.  This  clearly  establishes  that  the  new  osmium  oxide  fluoride 
contains  only  four  and  not  five  fluorine  atoms  and  must  be  0sF402 
and  not  OsF60.  Furthermore,  the  observation  of  two  nonequivalent 
sets  of  two  fluorine  atoms  each  shows  that  the  0sF402  is  present 
exclusively  as  the  cis-  and  not  as  the  trans-isomer.  For  tran5-0sF402, 
only  a  single  resonance  should  be  observed  with  no  signs  of  splittings 
due  to  F-F  coupling. 
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Abstract.  The  geometry,  vibrational  spectra  and  charge 
distribution  of  Br/  were  calculated  by  the  use  of  the  lo¬ 
cal  density  functional  (LDF)  method.  The  results  show 
that  for  free  Br5+  the  lowest  energy  configuration  is  a 
skew  structure  with  the  three  central  Br  atoms  forming  an 
angle  of  168.6°  und  the  two  terminal  Br  atoms  exhibiting 
a  dihedral  angle  of  82°.  This  skew  configuration  is  in  con¬ 
trast  to  the  planar  trans  configuration  of  C2h  symmetry 
found  for  Br/  in  solid  Brs'MF/  (M  =  As,  Sb).  Tiie 
small  energy  difference  of  1.2kcalmol-1  between  the 
skew  and  the  trans  configurations,  combined  with  crystal 
packing  effects,  can  account  for  the  planar  trans  configu¬ 


ration  of  Br/  in  solid  Br/MF6~.  The  computed  vibra¬ 
tional  spectra  were  used  to  select  the  most  likely  set  from 
three  sets  of  previously  published  and  widely  diverging 
spectra.  Contrary  to  previous  STO-3G  calculations  for 
Cl5+,  the  present  LDF  calculations  for  Br/  and  Cl/  re¬ 
sult  in  charge  distribution  which  agree  with  a  previously 
proposed  simple  valence  bond  model  for  pentahalo- 
gen(l  +)cations. 

Key  words:  Pentabromine(l  +)  ealion;  local  density  func¬ 
tional  calculations;  Vibrational  spectra 


Das  Pentabrom(l  +  )-Kation,  Brs+.  Berechnungen  mit  der  Dichtefunktional-Methode  und 
Schwingungsspektren 


Inhaltsiibcrsiclit.  Fur  das  Br/  -Ration  werden  mit  der 
Dichtefunktional-Methode  Geometrie,  Schwingungs¬ 
spektren  und  Landungsverteilung  berechnet.  Das  freie 
Ion  hat  in  der  gauche-Konfiguration  die  niedrigste  Ener- 
gie.  Die  drei  mittlerert  Br-tome  bilden  danach  einen  Win- 
kel  von  168,8°  und  der  Diederwinkel  der  beiden  termina- 
len  Br-tome  betragt  82°.  Diese  Konfiguration  steht  damit 
im  Gegensatz  zu  der  planaren  trans-Konfiguration  mit 
C2h-Symmetrie,  die  fur  Br5+  im  Br/MF/  (M  =  As,  Sb) 
durch  Rontgenbeugung  gefunden  wurden.  Die  geringe 
Energiedifferenz  von  l,2kcalmol-1  zwischen  der 
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gauche-  und  trans-Konfiguration,  verbunden  mit  Kristall- 
packungseffckten,  konnten  fur  die  trans-Konfiguration 
von  Brs+  im  festen  Br/ MF6~  verantwortlich  sein. 

Um  den  Wahrscheinlichstcn,  der  bereits  publizierten 
sich  stark  unterscheidenden  Frequenzsatze,  zu  bestim- 
men,  wurden  die  berechneten  Schwingungsspektren  hcr- 
angezogen. 

Im  Gegensatz  zu  fruheren  STO-3G-Rechnungen  fur 
Cl5+,  konnen  mit  diesen  LDF-Rechnungen  fur  Br/  und 
Cl5+  Ladungsverteilungen  wiedergegeben  werden,  die 
mit  einem  friiher  vorgeschlagenen  einfachen  „valence- 
bond-model“  fiir  Pentahalogen(l  +)-Kationen  uberein- 
stimmen. 


Introduction 

The  first  report  on  the  existence  of  the  Brs+  cation  was 
published  in  1980  by  Lee  and  Aubke  who  prepared  its 
Au(S03F)4~  salt  and  .published  its  vibrational  spectra 
[1],  The  only  other  reports  on  Br5+  are  two  recent  papers 
by  Harll,  Nowicki  and  Minkwitz  on  the  crystal  structures 
and  vibrational  spectra  of  BrJtMF6  (M  =  As,  Sb)  [2] 
and  by  Christe,  Bau  and  Zao  on  the  Raman  spectrum  of 
Brs+ AsF6-  [3].  Although  the  existence  and  structure  of 
Br/  are  firmly  established,  the  three  sets  of  vibrational 
spectra  published  [1-3]  for  Br5+  diverge  strongly.  This 
is  not  surprising  because  the  recording  of  vibrational 
spectra  for  these  compounds  is  very  difficult.  The  com¬ 
pounds  are  of  marginal  stability,  difficult  to  handle,  in¬ 
tensely  colored,  photolytically  unstable,  and  often  con¬ 
tain  impurities  which  can  give  rise  to  very  intense  reso¬ 
nance  Raman  spectra.  Since  local  density  functional 
(LDF)  calcuilations  are  well  suited  for  computations  in¬ 
volving  large  molecules  and  heavy  atoms  [4],  we  perform¬ 
ed  LDF  calculations  for  the  Br5+  cation  to  resolve  some 
of  the  problems  surrounding  this  interesting  cation. 


Computational  Method 

The  calculations  described  below  were  done  in  the  local 
density  functional  approximation  [4—11]  by  uising  the 
program  system  DMol  [12,  13].  The  atomic  basis  func¬ 
tions  are  given  numerically  on  an  atom-centered,  spheri¬ 
cal-polar  mesh.  The  radial  portion  of  the  grid  is  obtained 
from  the  solution  of  the  atomic  LDF  equations  by  nume¬ 
rical  methods.  Since  the  basis  sets  are  numerical,  the  var¬ 
ious  integrals  arising  from  the  expression  for  the  energy 
need  to  be  evaluated  over  a  grid.  The  integration  points 
are  generated  in  terms  of  angular  functions  and  spherical 
harmonics.  The  number  of  radial  points  NR  is  given  as 

N,  =  1.2x14  (Z  +  2),/J 

where  Z  is  the  atomic  number.  The  maximum  distance 
for  any  function  is  12  a.  u.  The  angular  integration  points 
N0  are  generated  at  the  NR  radial  points  to  form  shells 
around  each  nucleus.  The  value  of  N0  ranges  from  14  to 
302  depending  on  the  behavior  of  the  density  [14],  The 
Coulomb  potential  corresponding  to  the  electron  repul¬ 
sion  term  is  determined  directly  from  the  electron  density 
by  solving  Poisson’s  equation.  In  DMol,  the  form  for  the 
exchange-correlation  energy  of  the  uniform  electron  gas 
is  that  derived  by  von  Barth  and  Hedin  [15]. 

All  of  the  DMol  calculations  were  done  with  a  double 
numerical  basis  set  augmented  by  polarization  functions. 
This  can  be  considered  in  terms  of  size,  for  comparison 
to  traditional  molecular  orbital  calculations,  as  a  polar¬ 
ized  double  zeta  basis  set.  However  because  of  the  use  of 
exact  numerical  solutions  for  the  atom,  this  basis  set  is  of 
significantly  higher  quality  than  a  normal  molecular  or¬ 
bital  polarized  double  zeta  basis  set.  The  fitting  functions 
have  angular  momentum  numbers,  1,  one  greater  than 


that  of  the  polarization  function.  Since  all  of  the  atoms 
have  d  polarization  functions,  the  value  of  1  for  the  fitting 
function  is  3. 

Geometries  were  optimized  by  using  analytic  gradient 
methods  [16].  There  are  two  problems  with  evaluating 
gradients  in  the  LDF  framework  which  are  due  to  the  nu¬ 
merical  methods  that  are  used.  The  first  is  that  the  energy 
minimum  does  not  necessarily  correspond  exactly  to  the 
point  with  a  zero  derivative.  The  second  is  that  the  sum 
of  the  gradients  may  not  always  be  zero  as  required  for 
translational  invariance.  These  tend  to  introduce  errors 
on  the  order  of  0.001  A  in  the  calculation  of  the  coordi¬ 
nates  if  both  a  reasonable  grid  and  basis  set  are  used. 
This  gives  bond  lengths  and  angles  with  reasonable  error 
limits.  The  difference  of  0.001  A  is  about  an  order  of 
magnitude  smaller  than  the  accuracy  of  the  LDF  geome¬ 
tries  as  compared  to  experiment.  The  frequencies  were 
determined  by  numerical  differentiation  of  the  gradient. 
A  two  point  difference  formula  was  used  and  a  displace¬ 
ment  of  0.01  a.u. 


Results  and  Discussion 
Structure  of  Brf 

The  geometries  and  vibrational  spectra  of  Br/  were 
computed  by  the  LDF  method  for  two  symmetries  (see 
Tables  1  and  2).  The  first  one  is  C2I„  as  found  [2]  by  the 
crystal  structure  determination,  and  is  shown  in  Figure  1. 


In  Ca  symmetry,  Br/  is  planar,  i.e.  the  terminal  Br3 
atoms  are  in  trans  position,  and  the  three  central  bromine 
atoms  are  linear.  The  second  structure  (see  Figure  2) 
which  is  the  energy  minimum  at  the  LDF  level,  has  no 
symmetry  and  is  1.2  kcal  mol-1  more  stable  than  the  C2h 
structure. 

In  this  optimized  structure,  the  three  central  Br  atoms 
slightly  deviate  from  linearity  by  11.4°,  and  the  terminal 
Br  atoms  form  a  dihedral  angle  of  82°  about  the 
Br2 — Br2'  axis,  similar  to  the  angles  found  for  Foof  and 
Hooh  [17].  This  skewing  is  caused  by  the  repulsive  inter¬ 
actions  between  the  bonded  atoms  and  the  sterically  acti¬ 
ve  free  valence  electron  pairs  on  the  central  atoms  and  of 
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Fig.  2  Optimizing  Structure  of  the  Free  Brj*  Cation 


Table  1  Computed  and  Experimental  Bond  Distances  (A) 
and  Bond  Angles  (deg)  for  Brs*  and  Cl5'*)  _ _ 


Bond  Lengths 

Brs* 

Cic 

Expt  [2] 

LDF  Ca, 

LDF  opt 

LDF  Ca, 

XI— X2 

2.512(1) 

2.572 

2.554 

2.295 

XI— X2' 

2.514(1) 

2.572 

2.557 

2.295 

X2 — X3 

2.275(1) 

2.310 

2.316 

1.991 

X2' — X3' 

2.268(2) 

2.310 

2.318 

1.991 

Bond  Angles 

BrC 

Cl5+ 

X2— XI— X2' 

180 

180 

16S.6 

180 

XI— X2— X3 

96.91(4) 

108.9 

110.9 

108.4 

XI— X2'-X3' 

97.69(5) 

10S.9 

113.4 

10S.4 

•)  For  Cls*  no  experimental  values  are  known.  The  Ca,  geome¬ 
try  was  chosen  to  match  that  used  in  122] 


ten  can  vary  over  a  wide  range.  For  example,  in  various 
solid  phases  containing  Hooh,  the  dihedral  angle  can 
span  a  complete  range  from  90°  to  1S0°  [18].  In  view  of 
these  analogies  and  the  small  energy  difference  of  only 
1.2  kcal  mol'1  between  the  trans  and  the  optimized  skew 


configurations  of  Br5+,  the  existence  of  trans  —  Br5  in 
its  Br}+MF6~  salts  is  not  surprising  and  can  be  explained 
by  crystal  packing  effects.  Evidence  for  such  an  effect  is 
also  provided  by  the  frequency  shifts  observed  for  the  Ra¬ 
man  bands  of  Br5+AsF6“  on  going  from  the  solid  state 
to  the  HF  solution  [3]. 

.  As  can  be  seen  from  Table  1,  the  geometry  computed 
for  Brs+  of  C2h  symmetry  agrees  well  with  the  experi¬ 
mentally  observed  one  [2],  particularly  if  it  is  kept  in 
mind  that  for  similar  molecules  and  ions,  such  as  XeF4, 
XeFj"  [19],  Br3\  and  Br3~  (see  below),  the  computed 
bond  lengths  are  also  about  0.05  A  longer  than  the  expe¬ 
rimentally  observed  ones. 

Vibrational  Spectra 

The  computed  vibrational  frequencies  are  summized  in 
Table  2.  Since  the  configuration  is  not  an  energy  mi¬ 
nimum,  it  has  two  negative  directions  of  curvature  which 
result  in  imaginary  frequencies  of  24  and  49  cm  Rota¬ 
tion  about  the  Br2— Br2'  axis  leads  to  a  structure  with 


Table  3  Computed  and  Experimental  Geometries  and  Vibra¬ 
tional  Frequencies  .for  Br3*  and  Br3“ _ _ 


Br/ 

experim 

[3] 

com- 

puteda) 

Brr 

experim 

[20-22] 

computed 

r  (A) 

2.270(5) 

2.322 

2.536(2) 

2.593 

£  (deg) 

102.5(2) 

110.8 

180 

180 

asym. stretch 

297 

295 

203 

216 

sym. stretch 

293 

163 

15S 

deformation 

124 

75 

80 

81 

a)  The  vibrational  frequencies  of  Br3*  were  also  computed 
using  the  experimental  geometry  of  2.27  A  and  102.5°.  As  ex¬ 
pected,  the  frequencies  of  the  two  stretching  modes  increased 
somewhat  to  328  and  325  cm-1,  respectively,  but  that  of  the 
bending  mode  remained  essentially  unchanged  at  76  cm  '. 
Hence  the  discrepancy  between  the  observed  and  the  computed 
deformation  frequencies  is  not  caused  by  the  slightly  different 
geometries 


Table  2  Computed  and  Experimental  Vibrational  Frequencies  (cm  ')  for  BrC 


assignment  in 
point  group  Ca, 

experimental 

Br3*  Au(S03F)4* 
solid  [1] 

Br5*AsF6 
solid  [2] 

A,  Vivsym  term 

304.295") 

272 

Vjvsym  cenir 

267 

220 

v3Jsym  in  plane 

205 

170 

A„  v3<Jcentr  out  of  plane 

vs  torsion 

B„  vtv  as  term 

305.295b) 

290.275b) 

v7v  as  centr 

260 

185 

v,(5centr  in  plane 

v £  as  term  in  plane 

computed 

Br5*AsF6-  [3]  LDF  Ca,  LDF  opf) 

solid  HF  solut. 


309  309 
174  ,  182 
84'  "  108 


307 

303* 

139 

161 

24 

45** 

63 

94 

24  i 

26 

307 

300* 

172 

180 

129 

105 

49i 

33** 

»)  The  LDF  opt  configuration  has  no  symmetry,  and  the  motions  marked  by  asterisks  and  double  asterisks  mix 
b)  Assuming  a  splitting  of  these  bands  due  to  solid  state  effects 


lower  energy  and  to  all  positive  directions  of  curvature. 
The  resulting  structure  [LDF  opt]  is  a  true  minimum  of 
the  LDF  potential  energy  surface  and  has  all  real  frequen¬ 
cies.  Since  this  configuration  has  no  symmetry,  the  C2h 
selection  rules  no  longer  apply  and  all  fundamentals  can 
be  active  in  both  the  infrared  and  the  Raman  spectra. 

A  comparison  of  the  computed  vibrational  frequencies 
with  the  observed  ones  [1—3]  is  given  in  Table  2.  To  test 
how  well  these  LDF  computations  for  a  free  ion  can  du¬ 
plicate  the  observed  frequencies  in  similar,  closely  related 
solids,  the  vibrational  spectra  of  the  known  Br3+  [3]  and 
Br/  [20-22]  ions  were  also  calculated.  As  can  be  seen 
from  Table  3,  the  agreement  is  very  good  for  all  the  mo¬ 
des,  except  for  the  deformation  mode  of  Br/  for  which 
the  calculated  frequency  is  considerably  lower  than  the 
observed  one.  Since  in  Brs+  the  three  central  atoms  mi¬ 
mic  the  Br/  anion  and  the  two  terminal  ones  resemble 
those  in  Br/  [3],  their  computed  and  observed  stretch¬ 
ing  frequencies  should  also  be  in  good  agreement.  As  can 
be  seen  from  'Ibble2,  only  the  Raman  spectrum  given  in 

[3]  satisfies  the  computed  stretching  frequencies  and,  the¬ 
refore,  is  the  preferred  choice. 

The  exact  reasons  for  the  large  discrepancies  among  the 
three  observed  data  sets  [1  —3]  are  not  clear  at  the  present 
time,  but  should  caution  future  investigators  against  rely¬ 
ing  too  heavily  on  vibrational  spectra  for  the  identifica¬ 
tion  of  these  polybromine  cations. 

The  frequency  changes  observed  in  [3]  on  going  from 
solid  Br/AsF/  to  its  HF  solution,  might  be  due  to 
Br/  having  C2h  symmetry  in  the  solid  and  a  skew  con¬ 
formation  in  HF  solution.  This  could  also  cause  the 
iOScm"1  Raman  baud  observed  [3]  for  the  HF  solution 
being  possibly  due  to  one  of  the  other  modes,  (v4  or  vs), 
which  are  Raman  inactive  under  Ca  symmetry.  When 
judging  the  quality  of  the  agreement,  it  must  be  also  kept 
in  mind  that  the  computed  values  are  harmonic  frequen¬ 
cies  for  the  free  gaseous  species,  whereas  the  observed  va¬ 
lues  are  anharmonic  frequencies  recorded  for  either  ionic 
solids  or  solvated  ions. 


Charge  Distribution 

The  charge  distribution  in  Br5+  has  also  been  calculated 
and  is  given  in  Thble  4.  As  has  been  pointed  out  previous¬ 
ly  [23]  in  a  study  of  I3  +  ,  the  structure  and  bonding  in 
pentahalogen  (1+)  cations  can  be  simply  rationalized  in 
terms  of  the  following  valence  bond  structures, 

I  X  X 

:  I  «-»  I 

*X— X  X  X  x-x* 

I  1 

X  X 

resulting  in  weak  three-centered  four-electron  bonds  for 
the  three  central  halogen  atoms  and  “normal”  terminal 
halogen-halogen  bonds  with  a  bond  order  of  about  one. 
According  to  this  model,  the  halogen  atoms  2  and  2' 
should  carry  most  of  the  positive  charge.  In  the  previous 


Table  4 

Computed  Charge 

Distribulions  for  Brs*  and  Cl3’ 

atomic  charge  (e) 

BrC 

Cic 

atom 

LDF  Ca 

LDF  opt 

LDF  Ca 

XI 

0.09 

0.11 

0.08 

X2 

0.25 

0.25 

0.26 

X2' 

0.25 

0.25 

0.26 

X3 

0.20 

0.20 

0.20 

X3 ' 

0.20 

0.19 

0.20 

paper  [23]  on  I5' ,  a  charge  distribution  could  be  calcula¬ 
ted  only  for  Cl/  due  to  computational  limitations.  Sur¬ 
prisingly,  the  central  Cl  atom  in  Cl/  was  found  to  carry 
most  of  the  positive  charge  (+0.3 e)  with  C12  and  C12' 
carrying  each  only  +0.15e  charges.  This  result  was  in 
contrast  to  the  findings  for  the  crystal  structure  of  1/  in 
its  AsF/  salt  where  the  absence  of  iodine-fluorine  con¬ 
tacts  for  the  central  iodine  atom  indicated  that  it  carried 
little  positive  charge  [23].  Our  results  for  Br/  with  Brl 
carrying  only  a  +0.1  Oe  charge  and  the  two  Br2  atoms 
carrying  a  total  charge  of  +0.50e  is  in  good  agreement 
with  the  Findings  for  1/  and  the  above  valence  bond 
model.  To  test  whether  the  charge  distribution  and  bon¬ 
ding  in  Cl/  and  Br/  are  indeed  different,  we  have  also 
computed  Cl/  by  the  LDF  method.  The  results  from 
this  computation  (see  Tables  1  and  4)  show  that  the  char¬ 
ge  distribution  and  hence  the  bonding  in  Cl/  and  Br/ 
are  very  similar.  These  results  suggest  that  the  previous 
calculations  of  the  charges  [23]  did  not  give  an  appropria¬ 
te  charge  distribution,  probably  due  to  the  use  of  a  basis 
set  that  was  too  small. 

One  of  us  (R.O.C.)  thanks  the  U.S.  Army  Research  Office  and 
the  U.S.  Air  Force  Phillips  Laboratory  for  financial  support  of 
the  work  at  Rockctdyne. 
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Abstract:  Recent  ab  initio  calculations  suggesting  that  covalent  NFS  and  even  NF6'  are  vibrationaHystableand  might  be 
experimentally  accessible  prompted  us  to  critically  evaluate  the  presently  available  theoretical  and  experimental  data  for  NF5 
and'to  carry  out  experiments  on  the  stability  of  ionic  NF/F.  It  is  shown  that  covalent  NFS  of  Du  symmetry  and  crystalline 
NF/F  should  be  of  comparable  energy  but  that  covalent  NFS  should  suffer  from  severe  ligand-crowding  effects  that  would 
make  its  synthesis  experimentally  very  difficult.  On  the  other  hand,  crystalline  NF4  F  should  be  readily ’  acc^ible  from  th 
well-known  solvated  NF/  and  F  ions.  The  recent  discoveries  of  a  convenient  synthesis  of  truly  anhydrous  N(CH3)4F  as 
source  of  soluble  “naked"  fluoride  ions  and  of  solvents  which  possess  sufficient  kinetic  stability  toward  strong  owdizeR  allowed 
us  to  carry  out  experiments  on  the  thermal  stability  of  NF4+F.  It  is  shown  that  at  temperature  as  low  as -142  Ccrysullme 
NF4+F  is  unstable  toward  decomposition  to  NF3  and  F2,  a  process  which  is  calculated  to  be  exothermic  by  about  32  kcal 

mol'1. 


Introduction 

Ever  since  the  first  successful  synthesis  of  the  NF4+  cation  in 
1966,'  the  possible  existence  of  its  parent  molecule,  NF5,  has  been 
a  challenge  to  both  experimental  chemists2 10  and  theoreticians.11 
Although  the  experimentalists  have  so  far  failed  to  isolate  NF5, 
interest  in  its  synthesis  was  renewed  by  recent  ab  initio  calculations 
which  suggested  that  NF5  is  a  vibrationally  stable  molecule13,1 
and  that  even  NF<f  might  be  structurally  stable.15  Since  NFS 
could  exist  either  as  a  covalent,  trigonal  pyramidal  molecule  of 
Dih  symmetry 


F 


or  as  an  ionic  NF/F  salt,  it  was  necessary  to  evaluate  the  relative 
energies  of  the  two  forms  and  their  synthetic  accessibility  in  view 
of  previously  published2'14  and  new  experimental  data. 

Results  and  Discussion 

The  relative  energies  of  covalent  NF5  and  ionic  NF4+F  with 
respect  to  each  other  and  to  NF3  and  F 2  can  be  estimated  from 
a  Born-Haber  cycle  using  the  following  data: 


(1)  Christe,  K.  O.;  Guertin,  J.  P.;  Pavlath,  A.  E.  Inorg.  Nucl.  Chem.  Lett. 
1966,  2,  83;  U.S.  Patent  3503719,  1970. 

(2)  Miller,  A.  R.;  Tsukimura,  R.  R.;  Velten,  R.  Science  ( Washington , 

D  C.)  1967, 688.  „  .  „  w  .  „  D 

(3)  Goetschel,  C.  T.;  Campanile,  V.  A.;  Curtis,  R.  M.;  Loos,  K.  k.; 
Wagner,  C.  D.;  Wilson,  J.  N.  Inorg.  Chem.  1972,  11,.\696. 

(4)  Solomon,  I.  J.;  Keith,  J.  N.;  Snelson,  A.  J.  Fluorine  Chem.  1972/73, 

2,  129.  -  —  „  ,  ,  _  _ 

(5)  Olah,  G.  A.;  Donovan,  D.  J.;  Shen,  J.;  Klopman,  G.  J.  Am.  Chem.  Soc. 

1975,97,  3559.  , 

(6)  Christe,  K.  O.;  Schack,  C.  J.;  Wilson,  R.  D.  Inorg.  Chem.  1976,  15, 

1275.  ■" 

(7)  Keith,  J.  N.;  Solomon,  I.  J.;  Sheft,  I.;  Hyman,  H.  Inorg.  Nucl. 
Chem— Herbert  H.  Hyman  Mem.  Vol.  1976,  143. 

(8)  Christe,  K.  O.;  Wilson,  R.  D.;  Goldberg,  1.  B.  Inorg.  Chem.  1979,  18, 
2572. 

(9)  Bougon,  R.;  Bui  Huy,  T.;  Burgess,  J.;  Christe,  K.  O.;  Peacock,  R.  D. 
J.  Fluorine  Chem.  1982,  19,  263. 

(10)  Christe,  K.  O.;  Wilson,  W.  W.;  Schrobilgen,  G.  J.;  Chirakal,  R.  V., 

Olah,  G.  A.  Inorg.  Chem.  1988,  27,  789.  • 
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(12)  Peters,  N.  J.  S.  Dissertation,  Princeton  University,  1982.  Peters,  N. 
J  S  •  Allen,  L.  C.  In  Fluorine  Containing  Molecules;  Liebman,  J.  F., 
Greenberg,  A.,  Dolbier,  W.  R„  Eds.;  VCH  Publishers:  Weinheim,  Germany, 

1988,3^252-^  ^  Van  Wazef  j  R  j  Am  chem.  Soc.  1989,  / 1/.4 172. 
(14)  Michels,  H.  H.;  Montgomery,  J.  A.,  Jr.  J.  Chem.  Phys.  1990,  93, 

18<fl5)  Ewig,  C.  S.;  Van  Wazer,  J.  R.  J.  Am.  Chem.  Soc.  1990,  112,  109. 


Taking  the  average  of  two  values  of  30.1  and  35.5  kcal  mol  1 
calculated13,14  for  Atf,  at  the  MP2/6-31++G**  and  MP2/6- 
31 1+G*  levels  of  theory,  respectively,  the  formation  of  covalent 
NFS  from  NF3  and  F2  is  endothermic  by  about  32.8  kcal  mol 
Furthermore,  the  enthalpy  of  formation,  A//2,  of  the  free  gaseous 
NF4+  and  F  ions  from  NF3  and  F2  can  be  estimated  as  +182.4 
kcal  mol"1  by  taking  the  average  between  the  values  of  183.7  and 
181.1  kcal  mol"1  obtained  by  the  MP2/6-31G*  calculation  and 
from  a  combination  of  the  experimental  values  for  the  dissociation 
energy  of  F2  and  the  first  ionization  potential  and  electron  affinity 
of  the  F  atom16,17  and  the  calculated  F*  affinity  of  NF3,18  re¬ 
spectively.  From  A//,  -  AH2,  the  enthalpy  of  formation  of  covalent 
NFS  from  gaseous  free  NF4+  and  F  ions  becomes  Mf3  =  -149.6 
kcal  mol"1.  The  value  of  Aff4,  the  enthalpy  of  formation  of 
crystalline  NF4+F  from  NF3  and  F2,  is  given  by  the  sum  of  &H2 
and  the  lattice  energy  Uh  of  NF/F(cr).  The  value  of  UL  is  the 
average  of  two  previous  estimates  (-150.6  and  -147.0  kcal 
mol"1)9,19  and  a  value  of  -1 54.1  kcal  mol"1  obtained  by  Barlett’s 
empirical  equation,20  U l  (keal/mol)  —  556.3(Km)  ‘/3  +  26.3,  where 
Vm  is  the  sum  of  the  molar  volumes  of  NF4+  and  F  that  were 
estimated  as  64.9  and  17.5  A3,  respectively,  from  known  crystal 
structures.21,22  From  Atf,  -  A ff4,  the  energy  difference  between 
crystalline  NF4+F  and  covalent  NF5  can  then  be  estimated  to 
be  rather  small  and  be  of  the  order  of  about  1  i  6  kcal  mol  » 
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Integrating  eq  3,  with  the  aid  of  the  integral  Ei(-x)  =  -fJie^/x) 
=  e~x(x~2  -  x~l)  for  x  »  1,  yields 


The  heat  of  sublimation  AH,  is  determined  by  plotting  the  TGA 
data  as  shown  in  Figure  4.  From  the  slopes  of  In  (x/T)  versus 
l/T  curves,  we  obtain  AH,  -  30,  35,  and  39  Iccal/mol  for  a  = 
0.3, 1.2,  and  5  °C/tnin,  respectively.  Also  from  In  (a/7)  vs  l/T 
plots  for  a  given  x.  c.g.,  0.1,  we  obtain  AH,  =  40  kcal/mol. 

The  heat  of  sublimation  of  CM  powders  has  been  reported 
previously  to  be  40  kcal/mol.14  Our  result  of  AH,  —  39  kcal/mol, 
determined  at  a  scan  rate  of  5.0  °C/min,  is  in  a  good  agreement 
with  the  reported  data.  The  cause  of  the  lower  values,  e.g.,  30 
and  35  kcal/mol  obtained  at  lower  rates  of  0.3  and  1.2  °C/min, 
is  not  clear.  Haufler  et  al.1  reported  a  much  lower  value  of  AH, 
~22  kcal/mol.  It  has  been  suggested14  that  the  low  values  of  AH, 
observed  may  be  due  to  the  less  structurally  ordered  C^o  powders 
which  undergo  a  change  during  the  experiment.  Alternatively, 
we  proposed  here  that  the  presence  of  nonuniform  defective 
microstructure,  such  as  stacking  fault  and  gram  boundary,  is 


(14)  Pan,  C.;  Sampson.  M.  P.;  Chai,  Y.;  Hauge,  R.  H.:  Margrave,  J.  L. 
J.  Phys.  Chem.  1991,  95.  2944. 


responsible  for  the  lower  heats  of  sublimation  derived  from  TGA  . 
measurements.  Q,  molecules  at  such  defective  structures  sublime 
at  lower  temperature  than  does  those  in  a  bulk  crystal  grain,  and 
in  TGA  scan  it  contributes  to  the  weight  loss  in  the  low-tem¬ 
perature  regime.  This  results  in  the  drastic  reduction  in  the  slope 
of  x/T  vs  1  /T  curve  and  thus  in  the  apparent  heat  of  sublimation 
determined.  To  test  this  viewpoint,  we  prepared  a  new  batch  of 
CM  powders  sublimed  from  a  purified  C«j  extract  at  a  slower  rate. 
The  new  sample  showed  sharp  X-ray  diffraction  lines,  indicating 
a  good  crystallinity.  The  new  sample  shows  no  detectable 
structural  relaxation  in  TGA  scan  up  to  450  °C.  The  TGA  curve 
at  0.3  °C/min  of  this  new  sample  diverges  starting  <400  °C  and 
merges  again  ~620  °C  with  that  of  the  less  ordered  structural 
sample  (see  Figure  4).  Although  the  deviation  is  small,  the  heat 
of  sublimation  of  the  new  sample,  ~35  kcal/mol,  is  higher  by 
5  kcal/mol.  We  may  conclude  that  the  heats  of  sublimation 
obtained  are  of  the  lower  limiting  values.  The  AH,  ~  40  kcal/ mol 
of  Cm  powders  is  low  as  compared  with  that  of  graphites  (AH, 
~  170  kcal/mol).  This  reflects  the  weak  van  der  Waals  bonding 
among  Cm  molecules  in  the  fee  structure.15-16 


(151  Fischer,  J.  E.;  Heinev,  P.  A4  McGhie,  A.  R.  Science  1991,  252, 1288. 
(If)  Fleming,  R.  M.;  Hessen,  B.;  Korun,  A.  R.;  Siegriest,  T.;  Marsh,  P.; 
Murphy,  D.  W.;  Haddon,  R.  C.;  Tycho,  R.;  Dabbagh,  G.;  Mujsce,  A.  M.; 
Kaplan.  M.  L;  Zahurak,  S.  M.  Maser.  Res.  Soc.  Symp.  Proc.  1991, 206, 691. 
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Local  density  functional  (LBF)  theory  can  successfully  reproduce  the  previously  published  vibrafiond  spectra  and  the  salient 
geometrical  parameters  derived  from  them  for  FONO  for  which  conventional  ab  initio  methods  (CISD/6-31G  )  fail.  LJJf 
theory  was  used  to  calculate  the  geometries,  vibrational  spectra,  force  fields,  and  charge  distributions  for  the  three  isomers 
cu-FONO,  tra/u-FONO,  and  FN02.  It  is  shown  that  FN02  is  40.8  kcal  mol'1  more  stable  than  cu-FONO,  which  m  turn 
is  favored  by  25.2  kcal  mol'1  over  the  trans  isomer.  It  is  shown  that  the  previously  published  approximate  mode  descriptions 
for  FONO  are  correct  but  that  the  observed  spectra  must  be  due  to  cu-FONO  and  not  to  the  trans  isomer  as  previously 
proposed.  The  bonding  in  cu-FONO  is  best  rationalized  in  terms  of  an  F  atom  loosely  bonded  through  an  oxygen  atom 
to  an  N02  molecule,  resulting  in  the  following  structural  parameters:  rM  =  1.673  A,  =  1.216  A,  rN_o  =  1.190  A, 
ZFON  =  118.0°,  and  ZONO  =  135.2°. 


Introduction 

Although  much  progress  has  been  made  during  the  past  20  years 
in  the  field  of  ab  initio  calculations  of  the  geometries  and  energetics 
of  molecules,  there  have  been  a  number  of  cases  which  have  been 
extremely  difficult  to  compute  with  conventional  methods.  A 
classic  example  for  such  a  “problem”  molecule  is  FOOF,  for  which 
very  high  level  calculations  (CAS/CCI  or  CCSD(T))  with  a  large 
basis  set  were  required  to  duplicate  the  experimental  geometry.1* 
An  even  more  difficult  test  is  the  duplication  of  the  observed 
vibrational  spectra.  In  a  recent  study,16  it  has  been  shown  that 
density  functional  theory  (which  is  an  ab  initio  method)  in  the 
local  density  approximation  (LDF)1  can  predict  both  the  structure 
and  harmonic  frequencies  of  FOOF. 
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TABLE  t  Geometry  Parameters  for  FNOj* 

param 

LDF 

expt13 

N-F 

1.487 

1.467 

N-0 

1.190 

1.180 

z(F-N-O) 

111.8 

112 

40-N-0) 

136.4 

136 

*  Bond  distances  in  angstroms,  bond  angles  in  degrees. 


Noble  has  recently  called  attention3  to  another  similar 
‘problem’  molecule,  FONO,  or  nitrosyi  hypofluorite.  This 


(1)  (a)  See:  Scuseria,  G.  E.  J.  Chem.  Phys.  1991,  94,  442,  for  the  most 
recent  ab  initio  molecular  orbital  calculations,  (b)  See:  Dixon,  D.  A.;  And- 
zelm,  J.;  Fitzgerald,  G.;  Wimmer,  E.  J.  Phys.  Chem.  1991,  95,  9197,  for  the 
LDF  calculations  on  FOOF  and  a  discussion  of  previous  calculations. 
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TABLE  H:  Vibrational  Frequencies,  Potential  Energy  Distribution,  and  Assignments  for  FNOi _ _ _ 

- 1  '  ’  frequency, "cm"1 

in^m^roupcl  descriptor  mode  «Pf-'2  LDF  potential  energy  distribution  LDF _ 

— - 7— - ;  sym  no:  1310  1361  -0.730  (l)-0.347  (2)-0.589  (3) 

'2?  2  568  590  0.042  ( 1 )— 0.8 1 6  (2)+0.577  (3) 

A1'2  i  sJss  NO,  822  821  -0.027  (D-Q.504  (2J-0.864  (3) 

3,  1792  1892  -0.808  (4)+0.590  (5) 

&  FN02  in  plane  560  541  0  037  (4)+0.999  (5) 

B2  5  FNO2  out  of  plane  742  740  1.0  (6) 

•The  following  symmetry  coordinates  were  used  for  the  PED:  (1)  N-01  +  N-02;  (2)  N-F;  (3)  01-N-02,  (4)  N-Ol  N-02,  (5)  F  N-Ol 
F-N-02;  (6)  F-N02. 


molecule  has  been  observed  only  in  a  matrix  by  infrared  spec¬ 
troscopy/  A  force  constant  analysis  of  these  spectra  suggested 
a  planar  trans  configuration  with  a  weak  F-O  bond5  which  could 
not  be  duplicated  by  traditional  ab  initio  molecular  orbital 
methods.3  In  view  of  the  excellent  results16  of  LDF  theory  for 
FOOF,  which  has  a  structure  similar  to  that  of  FONO,  it  was 
interesting  to  examine  whether  this  theory  can  also  master  the 
FONO  problem. 


TABLE  HI:  Symmetry  Force  Constants  (mdyn/A)  of  FNO, 

1  2  3  4  5  6 

1  1197 

2  1.13  3.03 

3  0.56  -0.71  1.82 

4  11.44 

5  0.51  1.26 

6  0.40 


Computational  Methods 

The  calculations  described  below  were  done  in  the  local  density 
functional  approximation2  by  using  the  program  system  dmol.6-7 
The  atomic  basis  functions  are  given  numerically  on  an  atom- 
centered,  spherical-polar  mesh.  The  radial  portion  of  the  grid  is 
obtained  from  the  solution  of  the  atomic  LDF  equations  by  nu¬ 
merical  methods.  The  use  of  exact  spherical  atom  results  offers 
some  advantages.  The  molecule  will  dissociate  exactly  to  its  atoms 
within  the  LDF  framework,  although  this  does  not  guarantee 
correct  dissociation  energies.  Furthermore,  because  of  the  quality 
of  the  atomic  basis  sets,  basis  set  superposition  effects  should  be 
minimized  and  correct  behavior  at  the  nucleus  is  obtained. 

Since  the  basis  sets  are  numerical,  the  various  integrals  arising 
from  the  expression  for  the  energy  need  to  be  evaluated  over  a 
grid.  The  integration  points  are  generated  in  terms  of  radial 
functions  and  spherical  harmonics.  The  number  of  radial  points 
Ng  is  given  as 

Ng  =  1.2  X  I4(Z  +  2)1/3 

where  Z  is  the  atomic  number.  The  maximum  distance  for  any 
function  is  12  au.  The  angular  integration  points  Ng  are  generated 
at  the  Ng  radial  points  to  form  shells  around  each  nucleus.  The 
value  of  N,  ranges  from  14  to  302  depending  on  the  behavior  of 
the  density/  The  Coulomb  potential  corresponding  to  the  electron 
repulsion  term  is  determined  directly  from  the  electron  density 
by  solving  Poisson’s  equation.  In  dmol,  the  form  for  the  ex¬ 
change-correlation  energy  of  the  uniform  electron  gas  is  that 
derived  by  von  Barth  and  Hedin.9 


(2)  (a)  Parr,  R.  G.;  Yang,  W.  Density  Functional  Theory  of  Atoms  and 
Molecules’,  Oxford  University  Press:  New  York.  1989.  (b)  Salabub,  D.  R. 
In  Ab  Initio  Methods  in  Quantum  Methods  in  Quantum  Chemistry-ll; 
Lawley,  K.  P„  Ed.;  Wiley:  New  York,  1987;  p  447.  (c)  Wimmer,  E.; 
Freeman,  A.  J.;  Fu,  C.-L.;  Cao,  P.-U  Chou,  S.-H.;  Delley,  B.  In  Supercom¬ 
puter  Research  in  Chemistry  and  Chemical  Engineering ;■  Jensen,  K.  F., 
Truhlar,  D.  G„  Eds.;  ACS  Symposium  Series;  American  Chemical  Society: 
Washington.  D.C.,  1987;  p  49.  (d)  Jones,  R.  O.;  Gunnarsson,  O.  Rev.  Mod. 
Phys.  1989,  61,  689.  (e)  Zeigler,  T.  Chem.  Rev.  1991,  91,  651.  (f)  Dixon. 
D.  A.;  Andzelm,  A.;  Fitzgerald,  Wimmer,  E.;  Delley,  B.  In  Science  and 
Engineering  on  Supercomputers’,  Pitcher,  E.  J.,  Ed.;  Computational  Science 
Publications:  Southhampton,  England,  1990;  p  285.  (g)  Dixon,  D.  A.; 
Andzelm,  J.;  Fitzgerald,  Gd  Wimmer,  E.;  Jasien,  P.  In  Density  Functional 
Methods  in  Chemistry,  Labanowski,  J.,  Andzelm,  J.,  Eds.;  Springer- Verlag: 


New  York,  1991;  p  33. 

(3)  Noble,  P.  N.  /.  Phys.  Chem.  1991,  95,  4695. 

(4)  Smardzewski,  R.  R.;  Fox,  W.  B.  J.  Chem.  Phys.  1974,  60,  2980. 

(5)  Sorenson,  S.  A.;  Noble,  P.  N.  J.  Chem.  Phys.  1982,  77,  2483. 

(6)  Delley,  B.  J.  Chem.  Phys.  1990,  92,  508.  DMOL  is  available  commer¬ 
cially  from  BIOSYM  Technologies,  San  Diego,  CA. 

(7)  Delley,  B.  In  Density  Functional  Methods  in  Chemistry,  Labanowsia. 
J,  Andzelm,  J„  Eds.;  Springer-Verlag:  New  York,  1991;  p  101. 

(8)  This  grid  can  be  obtained  by  using  the  FINE  parameter  in  dmol. 

(9)  von  Barth,  U.;  Hedin,  L.  /.  Phys.  C  1972,  3,  1629. 


All  of  the  DMOL  calculations  were  done  with  a  double  numerical 
basis  set  augmented  by  polarization  functions.  This  can  be 
considered  Ln  terms  of  size,  for  comparison  to  traditional  molecular 
orbital  calculations,  as  a  polarized  double- f  basis  set.  However, 
because  of  the  use  of  exact  numerical  solutions  for  the  atom,  this 
basis  set  is  of  significantly  higher  quality  than  a  normal  molecular 
orbital  polarized  double- f  basis  set.  The  muitipoiar  fitting 
functions  for  the  model  density  used  to  evaluate  the  effective 
potential  have  angular  momentum  numbers,  /,  one  greater  than 
that  of  the  polarization  function.  Since  all  of  the  atoms  have  d 
polarization  functions,  the  value  of  /  for  the  fitting  function  is  j. 

Geometries  were  optimized  by  using  analytic  gradient  methods.' 
There  are  two  problems  with  evaluating  gradients  in  the  LDF 
framework  which  are  due  to  the  numerical  methods  that  are  used. 
The  first  is  that  the  energy  minimum  does  not  necessarily  cor¬ 
respond  exactly  to  the  point  with  a  zero  derivative.  The  second 
is  that  the  sum  of  the  gradients  may  not  always  be  zero  as  required 
for  translational  invariance.  These  tend  to  introduce  errors  on 
the  order  of  0.001  A  in  the  calculation  of  the  coordinates  if  both 
a  reasonable  grid  and  basis  set  are  used.  This  gives  bond  lengths 
and  angles  with  reasonable  error  limits.  The  difference  of  0.001 
A  is  about  an  order  of  magnitude  smaller  than  the  accuracy  of 
the  LDF  geometries  as  compared  to  experiment.  The  frequencies 
were  determined  by  numerical  differentiation  of  the  gradient.  A 
two  point  difference  formula  was  used  and  a  displacement  of  0.01 
au.  The  force  constant  analysis  was  done  with  the  b matrix 
program  of  Komornicki.10 

Results  and  Discussion 

Nitryl  Fluoride,  FNO,.  Since  nitryl  fluoride,  FN02,  is  isomeric 
with  FONO  and  well  characterized,11-13  the  quality  of  the  LDF 
calculation  was  first  examined  for  this  molecule.  As  shown  in 
Table  I,  the  agreement  between  the  calculated  and  experimental 
structures13  is  very  good,  with  the  LDF  bond  distances  being 
0.01-0.02  A  longer  than  the  experimental  values  as  found  for  other 
similar  compounds.23-*  The  vibrational  spectrum  and  the  as¬ 
signments  in  terms  of  internal  coordinates  arc  given  in  Table  II 
and  the  symmetry  force  constants  in  Table  III.  The  agreement 
between  theory  and  experiment11-12  is  also  quite  good  considering 
that  the  calculated  values  correspond  to  harmonic  values  and  the 
experimental  ones  include  the  effects  of  anharmonicity. 


(10)  Komornicki.  A.  Private  communication.  This  program  was  developed 
to  help  in  analyzing  the  results  from  the  gradscf  program  system. 

(11)  Christe,  K.  O.;  Schack,  C.  J.;  Wilson.  R.  D.  Inorg.  Chem.  1974, 13. 


(12)  Bemitt,  D.  Lc  Miller,  R.  H.;  Hisatsune,  I.  C.  Spectrochim.  Acta.  Pan 
1967  23  237 

(13)  Harmony,  M.  D.:  Laurie.  V.  W.;  Kuczkowski.  R.  L.;  Schwendeman. 
.  H.;  Ramsay,  D.  A.;  Lovas,  F.  J.;  Lafferty,  W.  J.;  Maki,  A.  G.  J.  Phys. 
hem.  Ref  Data  1979,  8,  619. 
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TABLE  IV:  Geometry  Parameters*  Computed  by  Different  Methods  for  FONO _ 

- - -  “  computational  method 


LDF 

force  field 

HF/6-314G* 3 

CISD/6-314G*5 

cis 

trans 

param 

cis 

trans 

analysis5  trans 

cis 

trans 

F-Ol 

N-Ol 

N-02 

ZF-Ol-N 

zOl-N-02 

1.673 

1.216 

1.190 

118.0 

135.2 

1.888 

1.163 

1.193 

106.5 

152.1 

1.57 

1.27 

1.18 

110 

160 

1.365 

1.366 

1.141 

111-3 

116.0 

1.360 

1.381 

1.143 

104.7 

108.9 

1.405 

1.399 

1.159 

110.6 

115.9 

1.398 

1.425 

1.161 

104.0 

108.0 

« Bond  distances  in  angstroms,  bond  angles  in  degrees. 

TABLE  V:  Mulliken  Charges  (e)  for  FONO _ 

atom  cis  trans _ atom _ cis _ tfans 

01  0.08  0.06  F  -0.30  -0.41 

N  0.29  0.42  02  -0.07  -0.07 

Nitrosyl  Hypofluorite,  FONO.  Whereas  the  FNO,  molecule 
is  not  particularly  difficult  to  calculate  by  conventional  ab  rnitio 
methods,  its  FONO  isomer  is  a  real  “problem"  molecule3  and  a 
challenge  to  almost  any  computational  method.  The  FONO 
molecule  could  exist  either  as  a  cis,  a  skew,  or  a  trans  isomer. 


i  /:  / 

/  \  \ - 01—  N-~n  01— n 

F  02  / 

cis  _ F  trans 

skew 

LDF  calculations  starting  with  a  skew  structure  and  a  dihedral 
angle  of  90°  led  to  the  cis  configuration.  The  cis  isomer  was  found 
to  be  25.2  kcal  mol*1  more  stable  than  the  trans  and  40.8  kcal 
mol'1  less  stable  than  FNO;.  The  geometry  parameters  calculated 
by  the  LDF  method  for  cis -  and  r/wts-FONO  arc  shown  in  Table 
IV  and  are  compared  to  those  either  derived  from  the  force  field 
analysis3  of  the  observed  vibrational  spectra4  or  calculated  by 
conventional  ab  initio  methods.3  As  can  be  seen,  only  the  LDF 
values  approximate  the  “experimental"  bonding  parameters  derived 
from  the  force-field  analysis3  with  the  cis  isomer  resulting  in  a 
better  agreement.  The  latter  fact  is  no  surprise  as  the  cis  isomer 
is  energetically  favored  over  the  trans  isomer  by  25.2  kcal  mol  . 
For  the  LDF  computed  trans  isomer,  the  F-0  bond  is  very  long 
and  also  the  N-Ol  bond  is  shorter  than  the  terminal  N-O  bond, 
which  is  not  expected  as  two  atoms  are  bonded  to  this  oxygen  (Ol) 
as  compared  to  a  single  atom  bonded  to  the  terminal  oxygen. 
Unfortunately,  the  previous  force-field  analysis3  has  been  carried 
out  only  for  the  trans  isomer  using  vibrational  frequencies  which 
belong  to  the  cis  isomer  (see  below).  If  the  force-field  analysis 
had  been  carried  out  with  the  more  likely  cis  geometry,  the 
agreement  with  the  cis  isomer  LDF  values  would  certainly  have 
been  better. 

The  geometry  calculated  by  the  LDF  method  for  c/r-FONO 
is  very  plausible.  The  F-0  bond  length  is  0.1  A  longer  than  that 
in  FOOF  (1.575  A  experimental13  and  1.563  A  calculated1),  as 
expected  from  the  lower  thermal  stability  of  FONO.  The  two 
N-0  bond  distances  are  quite  similar  with  oxygen  bonded  to  the 
F  having  an  N-O  bond  distance  0.026  A  longer  than  the  terminal 
N-0  distance.  The  structure  of  the  NO,  fragment  is  very  similar 


to  that  of  the  free  N02  radical  which  has  an  N-0  distance  of  1.197 
A  and  an  O-N-O  bond  angle  of  133.80.13  The  F-Ol-N  bond 
angle  is  near  120°  and  is  somewhat  larger  than  the  tetrahedral 
OOF  bond  angle  in  FOOF.  These  results  show  that  the  FONO 
structure  is  significantly  different  from  that  of  c/r-nitrous  acid13 
and  more  doselv  resembles  that  of  FOOF.  Furthermore,  the  data 
in  Table  IV  demonstrate  that  in  agreement  with  the  findings1  for 
FOOF,  the  molecular  orbital  CISD/6-31G*  calculations  based 
on  a  single  configuration3  fail  to  predict  the  correct  structure  for 
FONO. 

The  main  differences  between  the  cis  and  the  trans  configu¬ 
rations  of  FONO  are  the  following.  In  trans •  FONO,  the  F-0 
bond  length  has  increased  by  0.2  A  At  the  same  time  the  average 
N-O  bond  length  has  shortened  by  about  0.02  A  and  the  O-N-O 
bond  angle  has  significantly  increased  by  17°.  These  changes 
demonstrate  that  in  trans- FONO  the  contributions  from  the  ionic 
[0=Nf=0]+p  structure  have  significantly  increased.  This  in¬ 
terpretation  is  confirmed  by  the  Mulliken  populations  given  in 
Table  V,  which  show  that  the  ionic  character  increases  from 
cir-FONO  to  trons-FONO. 

The  vibrational  frequencies  were  calculated  for  both  cis-  and 
rrans-FONO  and,  together  with  their  assignments  and  potential 
energy  distributions,  arc  summarized  in  Table  VI.  As  can  be 
seen  fiwn  this  table,  the  experimentally  observed4  frequencies  must 
belong  to  the  energetically  favored  cis  isomer  and  not,  as  previously 
assumed,5  to  the  trans  isomer.  The  agreement  between  the 
computed  and  experimental  frequencies  is  quite  good  considering 
the  difficulty  of  this  problem.  As  for  FNOj  (see  above),  most 
of  the  fundamental  vibrations  of  FONO  are  not  pure  vibrations 
but  strung  mixtures  of  several  symmetry  coordinates.  The  present 
analysis  confirms  the  approximate  mode  descriptions  previously 
proposed3  on  the  basis  of  the  observed4  isotopic  shifts.  Thus,  the 
1716-an'1  transition  is  mainly  an  antisymmetric  combination  of 
the  two  N-O  stretching  coordinates  with  a  larger  contribution 
from  the  terminal  N-02  stretch.  The  1200-cm'1  transition  is 
mainly  a  symmetric  combination  of  the  two  N-O  stretching  co¬ 
ordinates  with  a  larger  contribution  from  the  internal  N— Ol 
stretch.  The  two  bending  motions,  and  v5,  also  contribute 
significantly  to  these  two  transitions.  The  412-cm'1  transition 
involves  mainly  the  stretching  of  the  O-F  bond  and  therefore  is 
properly  assigned  as  the  O—F  stretching  mode,  whereas  the 
702-cm'1  transition  is  mainly  due  to  the  ONO  scissoring  mode. 
The  fact  that  for  FONO  the  computed  O-F  stretching  frequency 
is  1 15  cm'1  higher  than  the  observed  one  is  consistent  with  the 
previous  findings1  for  FOOF,  where  the  calculated  stretches  (749 
and  715  cm'1)  were  also  about  1 10  cm'1  higher  than  the  observed 
ones  (630  and  615  cm'1).14  The  lowest  frequency  vibration 


TABLE  VI:  Vibrational  Frequencies,  Potential  Energy  Distribution,*  and  Assigning  for  FONO 


mode  in 
designation 
C, 


approx 

description  of  mode 


expt 


PED  frequencies,  cm' 


LDF 


CIS 


trans 


A'  o, 

r  NO, 

1716 

1810 

A' l-j 

*  NOl 

1200 

1217 

A'»j 

r  OF 

412 

527 

A'v4 

S  ONO  in  plane 

702 

721 

A'  *5 

S  FNO  in  plane 

166 

A"»s 

torsion 

522 

0.75  (U-0.52  (2)— 0.21  (4)+0.34  (5) 
-0.38  (D-0.83  (2)+0.25  (4)+0.32  (5) 
-0.16  (2)+0.76  (3)+0.44  (4)-0.45  (5) 
-0.14  (2)-0.10  (3)+0.S5  (4)-0.48(5) 
0.13  (3)+0.50  (4)40.86  (5) 

1.0  (6) 


2090  0.67  (l)-0.72  (2) 

1264  -0.63  (1)— 0.54  (2)40.16  (3)40.30  (4)40.43  (5) 
470  -0.66  (3)40.58  (4)40.48  (5) 

148  0.13  (3)40.97  (4)-0.17  (5) 

254  0.17  (3)40.77  (4)40.61  (5) 

380  1.0(6) 


The  following  symmetry  coordinates  were  used  for  the  PED:  (1)  N-02;  (2)  N-Ol;  (3)  Ol-F;  (4)  Ol-N-02;  (5)  F-Ol  N;  (6)  F-Ol-N-02. 
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TABLE  VII:  Symmetry  Force  Constants  (mdyn/A)  for  FONO 


1 

2 

3  4 

5 

6 

LDF  Cis 

1 

13.02 

2 

1.38 

9.29 

3 

0.23 

1.03 

1.95 

4 

0.46 

1.14 

-0.53  1.12 

5 

-0.09 

-0.48 

0.16  -0.25 

0.57 

6 

0.23 

LDF  Trans 

1 

12.78 

2 

0.55 

14.34 

3 

0.40 

0.14 

1.08 

4 

0.51 

0.85 

-0.09  0.19 

5 

-0.16 

0.11 

0.16  -0.09 

0.48 

6 

0.09 

Experimental,  Using  Cis  Frequencies  and  Trans  Configuration  and 

Assuming  >s 

=  205  cm-1  (refs  4,  S)a 

1 

13.06 

2 

2.52 

8.48 

3 

0 

0 

1.01 

4 

0.90 

-0.27 

0.43  1.32 

5 

0 

0 

0  0 

0.30 

*  In  the  “experimental’  force  field,  the  deformation  and  stretch-bend 
interaction  constants  have  been  normalized  for  distance  and  have  di¬ 
mensions  of  mdyn  A  rad-2  and  mdyn  rad"1,  respectively. 

predicted  (166  cm"1)  is  below  the  spectrometer  cutoff  of  the 
previous  experimental  study4  and,  therefore,  would  not  have  been 
observed.  Thus,  the  calculations  for  cis-  FONO  can  account  for 
all  the  observed  features,  and  the  approximate  mode  descriptions 
previously  given3  by  Sorenson  and  Noble  are  correct,  although 
made  for  the  incorrect  trans  isomer.  In  view  of  the  ab  initio 
CISD/6-31G*  calculations  failing  to  yield  a  correct  geometry  for 
FONO  (see  above),  it  is  also  not  surprising  that  they  could  not 
reproduce3  the  experimentally  observed  frequencies. 

The  force  constants  calculated  by  the  LDF  method  for  cis-  and 
trans-FONO  are  given  in  Table  VII  and  are  compared  to  the  force 


(14)  Kim,  K.  Cq  Campbell,  G.  M.  J.  Mol.  Struct.  1985,  129 ,  263. 


fidd  previously  reported3  for  rra/u-FONO  using  the  experimental4 
cfs-FONO  frequencies  and  isotopic  shifts  for  v,-i>4  and  assuming 
a  frequency  of  205  cm"1  for  *>5.  In  spite  of  the  obvious  short¬ 
comings  of  this  “experimental”  force  field,  it  can  be  seen  that  it 
agrees  much  better  with  the  LDF  cis- isomer  force  field  than  with 
the  trans-isomer  one.  This  lends  further  support  to  our  conviction 
that  the  previously  reported  infrared  spectrum  must  be  due  to  the 
cis  and  not  to  the  trans  isomer  of  FONO. 

The  force  field  of  cfr-FONO  (see  Table  VII)  is  in  good 
agreement  with  our  expectations'  for  such  a  molecule.  It  shows 
significant  coupling  between  the  two  NO  stretches  and  between 
the  internal  N-Ol  stretch  and  the  O-F  stretch  and  ONO  scis¬ 
soring  mode.  The  suggested  large  difference  of  3.73  mdyn/A 
between  the  two  N-0  stretching  force  constants  is  somewhat 
surprising  in  view  of  their  relatively  small  difference  in  bond 
lengths  of  only  0.026  A  This  force  constant  difference  strongly 
depends  on  the  values  of  the  interaction  force  constants  which  are 
quite  large  in  FONO.  The  calculated  LDF  force  field  and  ge¬ 
ometry,  together  with  the  available  experimental  Isotopic  shifts,4 
could  be  used  to  fine  tune  the  force  field  and  to  verify  the  large 
difference  in  the  N-0  stretching  force  constants.  This  large 
difference  could  be  caused  by  strong  perturbations  in  the  electronic 
structure  of  the  ONO  fragment  of  FONO  due  to  the  weakly 
bonded  fluorine  atom. 

Conclusion 

The  LDF  method  is  well  suited  for  the  prediction  of  the 
structures  and  vibrational  spectra  of  “problem’  compounds  such 
as  FOOF  and  FONO  for  which  conventional  ab  initio  molecular 
orbital  methods  at  the  CISD/6-31G*  level  fail.  Furthermore, 
the  vibrational  spectra  previously  reported4  for  FONO  and  at¬ 
tributed  to  itsrirans  isomer  arc  compatible  only  with  the  cis  isomer. 
The  bonding  in  cfr-FONO  resembles  that  in  FOOF  and  consists 
of  a  fluoride  ligand  loosely  coupled  through  an  oxygen  atom  to 
the  NO,  molecule,  thus  resulting  in  weak  F-0  and  strong  NO: 
bonds. 
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Self-sustained  potential  oscillation  was  observed  on  a  polycrystailine  platinum  ring  electrode  under  the  galvanostatic  (constant 
current)  electrochemical  oxidation  of  formaldehyde  in  a  rotating  ring-disk  electrode  celL  When  a  pulsed  stream  of  hydrogen 
was  supplied  to  the  ring  electrode  from  the  disk  electrode,  the  self-sustained  oscillation  changed  to  the  forced  oscillation 
under  certain  conditions. 


Introduction 

Some  chemical  reactions  oscillate.  The  Belousov-Zhabotinski 
reaction  is  famous  along  oscillating  homogeneous  reactions.1  In 
heterogeneous  reactions,  the  catalytic  oxidation  of  carbon  mon- 


(1)  Scott,  S.  K.  Chemical  Chaos-,  Clarendon  Press:  Oxford,  U.K.,  1991; 
and  references  cited  therein. 

0022-3654/92/2096-1021S03.00/0 


oxide  on  the  platinum  surface  is  an  established  oscillating  reac¬ 
tion.2-3  Recently,  instabilities  in  electrochemical  systems  have 
attracted  great  interest.4-9  Some  of  them  show  transition  into 


(2)  Fink.  T.;  Imbihi,  R.;  Ertl,  G.  J.  Chem.  Phys.  1989,  91,  5002. 

(3)  Rotermund,  H.  H.;  Jakubith,  S.;  von  Oertzen.  A.;  Ertl,  G.  J.  Chem. 
Phys.  1989,  91,  4942. 

(4)  Basset.M.  R.;  Hudson,  J.  L.  J.  Phys.  Chem.  1988.  92,  6963. 
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Abstract  The  novel  radical  anions  SF4~  and  trans-SFfi-  were  generated  by  7-irradiation  of  CsSF^and  CsSFjO  respectively, 
at  -196  °C  and  characterized  by  their  isotropic  EPR  spectra  at  +27  °C.  The  SF4  anion  (g  -  2.0045,  12.85  mT,  a.”F 

=  9  75  mT)  has  a  square-planar  structure  close  to  Dth  symmetry  derived  from  a  pseudo-octahedron  m  which  the  two  axial 
positions  are  equally  occupied  by  a  total  of  three  sterically  active  valence  electrons.  Accordingly,  the  greatest  portion  of  the 
unpaired  electron  spin  is  localized  in  a  sulfur  pz  orbital.  The  trans-SF4CT  anion  (g  -  2.0027 ,  a«s  -  36.26  mT,  18.95 
mT)  has  a  closely  related,  pseudo-octahedral  structure  of  C*,  symmetry  m  which  the  equatorial  positions  are  occupied  by  four 
equivalent  fluorines,  one  axial  position  is  occupied  by  a  doubly  bonded  oxygen,  and  the  second  axial  position  is  occupied  by 
the  sterically  active  free  valence  electron.  Accordingly,  the  greatest  portion  of  the  unpaired  electron  spin  is  localized  in  an 
axial  sp-hybrid  orbital  of  sulfur.  The  structures  and  electron  spin  density  distributions  of  SF4  and  as-  and  |ran.t-Sf40  were 
analyzed  by  a  local  density  functional  study  which  also  provided  vibrational  frequencies  and  charge  distributions  for  ttoe 
radical  anions.  For  comparison,  the  closely  related  SFs  radical,  the  cis-  and  /ra/u-PF40  radical  anions,  and  the  SF4,  SF40, 
and  SF.  molecules  were  also  calculated  by  this  method.  These  calculations  show  that  the  exclusive  formation  of  trans-SFtO 
under  our  experimental  conditions  is  probably  due  to  both  energetic  and  reaction  mechanistic  reasons  and  that  the  agreement 
between  the  LDF  calculations  and  the  experimental  data  is  good. 


Introduction 

Previous  studies  have  demonstrated  that  y-irradiation  of  salts 
containing  complex  fluoro  ions  can  result  in  the  loss  of  one  fluorine 
atom  and  in  the  formation  of  new  complex  fluoro  radical  ions  that 
contain  one  fluorine  atom  less  than  the  parent  ion.  Thus,  the 


*  Dedicated  to  Professor  Felix  Aubke  on  the  occasion  of  his  60th  birthday. 
'  Based  in  part  on  the  PhD.  dissertation  of  B.  W.  Walther,  University  of 

Tennessee,  1984.  A  preliminary  report  of  this  work  was  prraented  at  the  86th 
ACS  National  Meeting,  Washington,  D  C.,  August  28-September  2, 1983, 
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radical  ions  PF5,5-8  AsF5-,w  and  NF3+ 101 1  have  been  obtained 
from  PFt-,  AsF<f,  and  NF4+  containing  salts,  respectively,  and 
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Symons,  M.  C.  R.  J.  Chem.  Soc.  1964,  4363. 
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Washington,  D.C.,  1978;  p  386. 
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characterized  by  electron  paramagnetic  resonance  (EPR)  spec¬ 
troscopy. 

Characterization  by  EPR  is  not  always  unambiguous.  For 
example,  the  pseudo-octahedral  XF5  radicals  PF5'7  and  SF5!2 


exhibited  detectable  hyperfine  splittings  (hfs)  only  for  the  four 
equatorial  fluorine  atoms  but,  surprisingly,  not  for  the  axial 
fluorine  atom.  For  PF5'  this  led  originally  to  an  incorrect  iden¬ 
tification  as  PF4.5  In  this  respect,  it  seemed  interesting  to  prepare 
the  yet  unknown  SF4~  radical.  By  comparison  with  the  known 
isoelectronic  C1F4  radical,13'15  a  pseudo-octahedral  structure  with 
a  square-planar  XF4  moiety 


can  be  expected  for  SF4'.  Therefore,  the  EPR  spectrum  of  SF4~ 
should,  in  general  appearance,  resemble  that  of  the  SF5  radical,12 
but  the  g-factor  and  l9F  and  33S  hyperfine  splittings  should  be 
significantly  different. 

After  completion  of  this  work,  the  results  of  a  theoretical  in¬ 
vestigation  on  the  molecular  and  electronic  structure  of  the  SF„ 
( n  =  1-5)  and  their  singly  charged  negative  ions  using  density 
functional  theory  was  published  which  also  predicted  an  ap¬ 
proximately  square-planar  structure  for  SF4'.16 

Similarly,  the  preparation  of  the  yet  unknown  SF40'  radical 
anion  should  be  interesting.  Its  structure  is  expected  to  be  similar 
to  that  of  SF4',  except  for  the  replacement  of  the  axial  free  valence 
electron  pair  by  an  oxygen  ligand. 


Since  l60  does  not  possess  a  nuclear  spin,  the  EPR  pattern  of 
SF40'  should  again  resemble  those  of  SFs  and  SF4“  in  general 
appearance,  but  with  a  different  g-factor  and  hyperfine  splittings. 

For  SF40",  additional  interest  comes  from  the  fact  that  the 
isoelectronic  PF402'  and  AsF402'  radical  anions8  exhibit  two 
stereoisomers  (III  and  IV).  Isomer  III,  labeled  trans,  has  one  axial 
oxygen  ligand  opposite  to  the  orbital  containing  the  unpaired 
electron.  Isomer  IV  has  one  equatorial  oxygen  ligand  adjacent 
to  the  orbital  containing  the  unpaired  electron.  It  would  be 
interesting  to  examine  whether  such  isomerism  is  also  observable 
for  SF40'. 


F 


Experimental  Section 

The  samples  of  CsSF5  and  CsSFsO  were  prepared  as  previously  de¬ 
scribed,1718  from  dry  CsF  and  SF4  or  SF40.  On  the  basis  of  the  observed 


(8)  Morton,  J.  R.;  Preston,  K.  F.;  Strach,  S.  J.  J.  Magn.  Reson.  1980,  37, 
321. 

(9)  Symons,  M.  C.  R.  Int.  J.  Radial.  Phys.  Chem.  1976,  8.  643. 

(10)  Mishra,  S.  P.;  Symons,  M.  C.  R.;  Christe,  K.  O.;  Wilson,  R.  D.; 
Wagner,  R.  I.  Inorg.  Chem.  1975,  14,  1103. 

(11)  Goldberg,  I.  B.;  Crowe,  H.  R.;  Christe,  K.  O.  Inorg.  Chem.  1978, 17, 
3189. 

(12)  (a)  Morton,  J.  R.;  Preston,  K.  F.  Chem.  Phys.  Lett.  1973,  18,  98.  (b) 
Hasegawa,  A.;  Williams,  F.  Chem.  Phys.  Lett.  1977,  45,  275. 

(13)  (a)  Morton,  J.  R.;  Preston,  K.  F.  J.  Chem.  Phys.  1973,  58.  311 2.  (b) 
Nishikida,  K.;  Williams,  F.;  Mamantov,  G.;  Smyrl,  N.  J.  Am.  Chem.  Soc. 
1975,  97,  3526. 

(14)  Gregory,  A.  R.  J.  Chem.  Phys.  1974,  60,  3713. 

(15)  (a)  Ungemach,  S.  R.;  Schaefer,  H.  F.  J.  Am.  Chem.  Soc.  1976,  98, 
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75,  55. 
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Figure  1.  EPR  spectrum  and  spectral  analysis  of  the  SF4'  anion  radical. 
The  upper  trace  was  obtained  by  signal  averaging  from  30  scans  and 
recorded  at  500  times  the  gain  of  the  lower  trace.  The  lines  marked  by 
an  asterisk  do  not  belong  to  the  pattern  of  SF4'. 
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Figure  2.  EPR  spectrum  and  spectral  analysis  of  the  SF40"  anion  radical. 
The  upper  trace  was  obtained  by  signal  averaging  from  30  scans  and 
recorded  at  500  times  the  gain  of  the  lower  trace.  The  line  marked  by 
an  asterisk  does  not  belong  to  the  pattern  of  SF40'. 

material  balances,  the  conversion  of  CsF  was  50%  for  CsSF5  and  85% 
for  CsSF50.  The  purity  of  the  compounds  was  verified  by  Raman 
spectroscopy,  which  showed  only  the  bands  characteristic17-18  of  SF5~  and 
SF50“,  respectively.  In  the  dry  nitrogen  atmosphere  of  a  glovebox,  the 
samples  were  loaded  into  flamed-out  4-mm  o.d.  Suprasil  EPR  sample 
tubes  (Wilmad  Glass  Co.)  that  were  flame-sealed  under  vacuum.  These 
tubes  were  then  irradiated  in  a  “Co  y-radiation  source  (Gammacel  200, 
Nordion  International,  Inc.,  Kanata,  Ontario,  Canada)  at  a  dose  rate  of 
1.03  X  105  rad/h  for  a  total  dose  of  4  Mrad  (4  X  10‘  J/kg).  The  EPR 
spectra  were  recorded  at  sample  temperatures  ranging  from  -190  to  90 
°C.  Since  the  spectral  features  did  not  sharpen  up  any  further  above 
room  temperature  and  a  slight  amount  of  decay  was  observed  above  60 
°C,  the  reported  spectra  were  recorded  at  ambient  temperature.  Pre¬ 
liminary  work  with  a  Varian  V4302-15  EPR  spectrometer  led  to  the 
detection  of  the  main  32S  spectra  of  the  subject  radicals  while  the  33S 
satellite  lines  in  natural  abundances  were  only  revealed  by  optimization 
of  microwave  power  (4  dB  =  79  mW)  and  modulation  amplitude 
(1.25-2.5  mT)  using  a  more  sensitive  Broker  ER  200D  SRC  instrument. 

Computations  were  carried  out  in  the  local  density  functional  (LDF) 
approximation19  by  using  the  program  system  DMol,20-21  as  previously 


(17)  Christe,  K.  O.;  Curtis,  E.  C.;  Schack,  C.  J.;  Pilipovich,  D.  Inorg. 
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W.  Inorg.  Chem.  1973,  12,  620. 
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T»ble  I.  Hyperfine  Splittings,  g- Factors,  and  s-Orbital  Electron  Spin 
Densities  of  SF.'  and  SF40  and  Related  Radicals  Calculated  from  the 
Observed  Hyperfine  Splittings _ _ _ 


radical 

(mT) 

»  6 
n  f 

af 

(mT) 

g-  factor 

P,*' 

ref 

”SF„- 

12.85 

4 

9.75 

2.0045 

0.104 

0.0052 

a 

3,C1F4 

28.82 

4 

7.87 

2.0117 

0.14! 

0.0042 

13 

3)SF40' 

36.26 

4 

18.95 

2.00274 

0.293 

0.0105 

a 

33SF< 

30.68 

4 

14.30 

2.0044 

0.248 

0.0076 

12,  23,  24a 

7>SeF< 

187.7 

4 

11.80 

2.0072 

0.261 

0.0063 

24a 

>'PFf 

135.6 

4 

19.8 

2.0017 

0.286 

0.0105 

7,  8 

0.3 

0.0002 

”AsF<- 

182.9 

4 

18.3 

1.9996 

0.350 

0.0097 

8 

0.5 

0.0003 

3iPF40!- 

8 

trans 

139.0 

4 

21.2 

2.0019 

0.293 

0.0112 

cis2 

124.3 

2 

22.4 

2.0025 

0.261 

0.0119 

1 

17.6 

0.0093 

,>AsF402' 

8 

trans 

185.0 

4 

19.3 

1.9998 

0.354 

0.0102 

cis’' 

165.1 

2 

21.9 

2.0011 

0.316 

0.0116 

1 

15.4 

0.0082 

“This  work.  '’Number  of  equivalent  fluorine  atoms.  'Calculated  based 
on  parameters  given  in  ref  24b.  “'No  splittings  due  to  interactions  with  the 
apical  fluorine  ligand  were  observed. 


described  in  more  detail.22 

The  SCF  equations  for  the  triplet  states  were  solved  by  spin  unres¬ 
tricted  methods  similar  to  those  employed  in  unrestricted  Hartree— Fock 
(UHF)  calculations.  Geometries  were  optimized  by  using  analytic  gra¬ 
dient  methods.21  There  are  two  problems  with  evaluating  gradients  in 
the  LDF  framework  which  are  due  to  the  numerical  methods  that  are 
used.  The  first  is  that  the  energy  minimum  does  not  necessarily  corre¬ 
spond  exactly  to  the  point  with  a  zero  derivative.  The  second  is  that  the 
sum  of  the  gradients  may  not  always  be  zero,  as  required  for  translational 
invariance.  These  tend  to  introduce  errors  on  the  order  of  0.001  A  in  the 
calculation  of  the  coordinates  if  both  a  reasonable  grid  and  basis  set  are 
used.  This  gives  bond  lengths  and  angles  with  reasonable  error  limits. 
The  difference  of  0.001  A  is  about  an  order  of  magnitude  smaller  than 
the  accuracy  of  the  LDF  geometries  as  compared  to  experiment.  The 
frequencies  were  determined  by  numerical  differentiation  of  the  gradient. 
A  two-point  difference  formula  was  used  with  a  displacement  of  0.01  au. 

Results  and  Discussion 

EPR  Spectra.  The  second-derivative  isotropic  EPR  spectra  of 
the  SF4_  and  SF40'  radical  ions  are  shown  in  Figures  1  and  2, 
respectively.  Each  spectrum  shows  the  satellite  lines  due  to 
naturally  abundant  33S.  At  sample  temperatures  from  -50  to  90 
°C,  the  spectra  gave  only  slight  indications  of  residual  anisotropy, 
suggesting  that,  in  this  range,  the  radicals  rotate  freely  at  their 
lattice  positions.  Because  the  hyperfine  splittings  are  large,  the 
azimuthal  nuclear  spin  quantum  number,  Mx,  lines  for  19F  exhibit 
“second-order”  splittings23-24  and  the  M\  lines  for  33S  exhibit  shifts, 
making  the  separation  between  lines  nonlinear  in  A/,.  The  analyses 
of  the  spectra  of  the  32S-centered  radicals,  including  the  higher 


(19)  (a)  Parr,  R.  G.;  Yang,  W.  Density  Functional  Theory  of  Atoms  and 
Molecules;  Oxford  University  Press:  New  York,  1989.  (b)  Salahub,  D.  R. 
In  Ab  Initio  Methods  in  Quantum  Chemistry;  Lawley,  K.  P.'Ed.;  J.  Wiley 
&  Sons:  New  York,  1987;  Vol.  II,  p  447.  (c)  Wimmer,  E.;  Freeman,  A.  J.; 
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Table  II.  Geometry,  Unsealed  Vibrational  Spectrum,  Spin 
Populations,  and  Atomic  Charges  Calculated  for  SF4‘  by  the  LDF 
Method 


Geometry 

U 

C4v 

D4h 

r  S-F  (A) 

1.793 

1.803 

4  FSF  (deg) 

89.2 

90 

4  FS-C4v  axis  (deg) 

83.3 

90 

Vibrational  Frequencies  (cm-') 

approx,  mode  description 
v  sym  SF4  in  phase 

A,  v,  547 

A,gv,  516 

6  sym  SF4  oul  of  plane,  in  ph. 

v2  299 

A,uv2  245i 

v  sym  SF4  out  of  phase 

B,  v3  425 

BigVj  406 

5  sym  SF4  out  of  plane,  out  of  ph. 

v4  130 

B]U  v4  121 

6  sciss  SF4 

B2  v5  274 

B2g  v5  258 

v  as  SF4 

E  v6  612 

Eu  v6  604 

6  as  SF4  in  plane 

v7  227 

v7  210 

Spin  Populations 

atom  orbital 

S  3s 

0.033 

-0.014 

s  3Px.yi 

S  3pz  l3p 

0.0131 

0.6021  0  627 

0.710 

5  3dxy,x2-y2  . 

0.001  v 

0.021 

c  3dxz,yz  >  3d 

0.003  1 0.026 

S  3dz2  * 

0.019  > 

F  2px.yt 

F  2pz  ( 2p 

0.016’:  rn-0 
0.04s!  °-078 

0.069 

Atomic  Charges 

S  0.725 

F  -0.431 


Table  III.  Geometries,  Unsealed  Vibrational  Spectra,  Spin 
Populations,  and  Atomic  Charges  Calculated  for  the  trans- PF402_, 
SF4CT,  and  SFs  Radicals  and  the  Observed  Vibrational  Spectrum  of 


cif4o- 


WIW\WIW\ 


Geometry 


.X-Y(A) 
rX-F(A) 

«YXF(de  t) 

Vibrational  Frequencies  (cm'1) 
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order  effects  for  the  fluorine  hyperfine  lines,  are  given  below  the 
spectra,  and  those  for  the  33S«centered  radicals  are  given  above 
the  spectra.  The  EPR  parameters  were  determined  using  a 
least-squares  matrix  diagonalization  program,25  and  the  isotropic 
hyperfine  splittings  and  g-factors  of  these  radicals  and  other 
analogous  species7,8,12,13,23,24  are  given  in  Table  I.  Spin  densities 
in  the  s  orbitals  of  the  central  atoms  or  fluorine,  X,  were  calculated 
according  to 

Psx  ~  ax/ ax° 


(25)  Hasegawa,  A.;  Hayashi,  M.;  Kerr,  C.  M.  L.;  Williams,  F.  J .  Magn. 
Reson.  1982,  48y  192. 
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where  ax  and  ax°  are  respectively  the  isotropic  hyperfine  splitting 
of  atom  X  in  the  radical  and  the  hyperfine  splitting  of  the  atom 
assuming  that  there  was  one  unpaired  electron  in  the  outermost 
s  orbital  of  that  atom.25 

EPR  spectra  showing  varying  degrees  of  l9F  hyperfine  an¬ 
isotropy  were  obtained  in  each  case  with  sample  temperatures 
below  -50  °C.  In  particular,  the  spectrum  of  SF4~  between  -190 
and  -170  °C  consisted  of  a  strong  central  absorption  at  g  =  2.005 
flanked  by  three  pairs  of  broad  features  separated  by  ca.  40.0, 
47.0,  and  55.0  mT.  The  two  outer  pairs  of  wing  features  must 
be  anisotropic  components,  since  the  total  width  of  the  32SF4' 
anisotropic  spectrum  is  only  29.0  mT.  Between  -170  and  -80  °C, 
these  outer  features  gradually  weakened  while  an  additional  pair 
of  lines,  separated  by  ca.  20  mT  and  destined  to  become  the  M, 
=  ±1  lines  of  the  isotropic  spectrum  at  higher  temperatures, 
developed  considerable  intensity.  The  low-temperature  spectra 
of  SF40'  recorded  below  -70  °C  revealed  a  pair  of  anisotropic 
features,  separated  by  ca.  90.1  mT,  in  addition  to  broad  resonances 
at  the  isotropic  positions,  but  otherwise  the  spectra  were  not  very 
informative  in  this  low-temperature  region. 

Local  Density  Functional  Calculations.  The  geometries,  vi¬ 
brational  spectra,  spin  populations,  and  atomic  charges  for  the 
SF4~,  dr-  and  fnw«-SF40~,  cis-  and  trans- PFA2',  and  SF5  radicals 
were  calculated  using  local  density  functional  theory.  The  results 
are  summarized  in  Tables  II— IV. 

For  SF4‘,  a  C^,  structure,  which  deviates  from  the  planar 
configuration  by  6.7°  and  has  an  FSF  bond  angle  of  89.2°,  was 
found  to  be  the  energy  minimum  on  the  potential  energy  surface, 
in  excellent  agreement  with  the  results  from  an  independent  LDF 
calculation.16  The  planar  DAh  structure  is  1.51  kcal  mol-1  higher 
in  energy  and  is  a  transition  state  characterized  by  an  imaginary 
frequency  (v2  in  Table  II).  Since  the  axial  positions  in  SF4~  are 
occupied  by  free  valence  electrons  which  can  rapidly  move  from 
one  side  of  the  SF4  plane  to  the  other,  thereby  creating  the 
possibility  for  inversion,  the  potential  energy  curve  of  the  C*,  model 
of  SF4'  has  two  minima,  one  at  6.7°  above  and  one  at  6.7°  below 
the  plane.  The  planar  Du  structure  represents  the  inversion 
barrier,  and  the  energy  difference  of  1.51  kcal  mol'1  between  the 
Ck,  and  the  DAh  structures  is  the  barrier  height.  The  inversion 
mode  is  the  symmetric  out  of  plane  deformation,  v2(Ai),  with  a 
zero-point  energy  of  one  half  of  299  cm'1  or  0.43  kcal  mol'1.  In 
view  of  the  small  energy  required  for  inversion,  the  assumption 
of  a  Dih  ground-state  symmetry  for  SF4'  under  normal  conditions 
is  not  unreasonable.  As  can  be  seen  from  Table  II,  the  properties 
of  SF4‘  do  not  change  much  between  the  C^,  and  the  Dih  con¬ 
figurations.  As  expected,  the  largest  change  involves  the  inversion 
mode,  i.e.  the  symmetric  out  of  plane  deformation  mode,  v2. 

For  SF40'  and  isoelectronic  PF402',  the  lowest  energy  struc¬ 
tures  are  configuration  III  of  symmetry  (see  Introduction), 
in  which  the  sterically  active  unpaired  electron  is  trans  to  the 
oxygen  ligand.  According  to  our  calculations,  the  trans  isomers 
of  SF40"  and  PF402'  are  8.6  and  5.6  kcal  mol'1,  respectively,  lower 
in  energy  than  their  cis  isomers  (IV),  and  both  isomers  are  minima 
on  the  potential  energy  surfaces.  The  exclusive  formation  of 
t/wiy-SFA'  in  our  study  is  favored  from  energetic  considerations. 
From  reaction  mechanistic  arguments  both  isomers  are  about 
equally  favored.  Although  the  exact  lengths  of  the  axial  and  the 
equatorial  fluorine  bonds  in  SOF5'  are  unknown,268  those  in  closely 
related  TeOFs"  and  IOF526b  are  about  equal.  Therefore,  breakage 
of  either  fluorine  bond  should  be  about  equally  likely.  In  the 
previous  study  on  PF402',  in  which  both  isomers  were  observed,8 
these  radical  anions  were  generated  from  unidentified  hydrolysis 
products  of  PF6"  and,  therefore,  may  have  involved  intramolecular 
HF  elimination  from  hydroxy-substituted  phosphorus  fluoride 
anions.  Since  such  an  HF  elimination  would  involve  neighboring 
cis  ligands,  the  formation  of  some  m-PF402"  could  be  readily 
explained. 

The  fact  that,  in  the  tranr-X  F40  radical  anions,  the  F-X-O 
angles  are  about  101°  and  are  significantly  larger  than  90° 
demonstrates  that  a  doubly  bonded  oxygen  ligand  is  more  repulsive 
than  a  sterically  active  unpaired  valence  electron.  As  expected, 
a  singly  bonded  fluorine  ligand  is  much  less  repulsive  than  a  doubly 


Table  IV.  Calculated  Geometries,  Unsealed  Vibrational  Spectra, 
Spin  Populations,  and  Atomic  Charges  for  the  m-SF40_  and 
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bonded  oxygen  but  still  slightly  more  so  than  an  unpaired  valence 
electron.  This  is  shown  by  the  F^-S-F^,  bond  angle  of  91.7° 
calculated  for  the  SF5  radical  (see  Table  III). 

Since  no  experimental  geometries  nor  vibrational  frequencies 
are  known  for  these  radicals,  with  the  exception  of  two  infrared 
bands  attributed27  to  SF5  in  a  matrix,  it  was  important  to  test  the 
accuracy  of  our  LDF  calculations  for  closely  related,  well-known 
molecules.  For  this  purpose,  the  geometries  and  vibrational  spectra 
of  SF4,28'32  SFA29'30-33-36  and  SF*37-38  were  calculated  by  the  LDF 
method  and,  in  Table  V,  are  compared  to  the  experimental  data. 
As  can  be  seen  from  this  table,  LDF  theory  duplicates  well  the 
observed  geometries  and  vibrational  frequencies,  particularly  if 
it  is  kept  in  mind  that,  for  these  types  of  fluorides,22  LDF  theory 
generally  predicts  bond  lengths  which  are  about  0.04-A  longer 
than  the  observed  ones.  Therefore,  the  values  calculated  for  the 
radicals  of  this  study  are  also  deemed  to  be  good  approximations 
to  the  true  values,  particularly  if  the  calculated  bond  lengths  are 
corrected  (shortened)  by  about  0.04  A.  Of  the  two  infrared  bands 
previously  reported  for  SFs  in  an  Ar  matrix,27  the  very  intense 
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Table  V.  Calculated  and  Experimental  Geometries  and  Unsealed 
Vibrational  Spectra  of  SF4,  SF4Q,  and  SF4 _ 
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one  at  812  cm'1  is  in  excellent  agreement  with  our  calculated  value 
of  809  cm-1  for  v7(E),  but  the  frequency  of  the  weak  band  observed 
at  552  cm'1  appears  somewhat  high  when  compared  to  the  value 
of  453  cm'1  calculated  for  »7(E).  This  raises  a  question  as  to 
whether  the  552-cm'1  band  belongs  to  SFs. 

SF4"  Radical  Anion.  The  paramagnetic  species  generated  by 
7-irradiation  of  Cs+SF5'  is  attributed  to  the  novel  SF4~  radical 
anion  for  the  following  reasons.  Its  EPR  spectrum  shows  the 
presence  of  four  equivalent  nuclei  with  spin  /  =  '/ 2  attributed  to 
l9F,  and  the  satellite  lines  reveal  the  presence  of  a  nucleus  of  spin 
/  =  3/2  at  the  0.2%  intensity  expected  for  naturally  abundant  33S. 
Furthermore,  the  s-orbital  spin  densities  on  sulfur,  pss,  and  on 
fluorine,  psf,  derived  from  the  hyperfine  splittings,  and  the  g-factor 
are  similar  to  those  of  the  known,13  isoelectronic  C1F4  radical  (see 
Table  I).  As  shown  by  the  LDF  calculations  for  SF4'  (see  Table 
II)  and  the  CNDO  and  INDO  calculations  for  C1F4,14  the  most 
stable  geometry  for  these  two  XF4  radicals  is  a  near-square-planar 
structure  of  approximate  D4ll  symmetry  in  which  the  electron 
densities  above  and  below  the  plane  are  about  equal,  as  depicted 
by  the  two  mesomeric  structures. 
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The  small  C4.  distortions,  suggested  for  SF4  and  C1F4  by  the  LDF 


(26)  (a)  Although  the  crystal  structure  of  (Me;N)JS*SF5C>-  has  recently 
been  published  (Heilemann,  W.;  Mews,  R.;  Pohl,  S.;  Saak,  W.  Chem.  Ber. 
1989, 122,  427).  no  reliable  individual  bond  lengths  were  obtained  for  SFsO' 
due  to  disorder  of  the  anion,  (b)  In  TeOFy,  the  axial  and  the  equatorial 
fluorine  bonds  are  of  almost  equal  length  (see:  Miller,  P.  K.;  Abney,  K.  D.; 
Rappe,  A.  K,;  Anderson,  O.  P.;  Strauss,  S.  H.  Inorg.  Chem.  1988.  27,  2255), 
and  a  recent  study  of  IOF<  (Christe,  K.  O.;  Curtis,  E.  C.;  Dixon.  D.  A.  J. 
Fluorine  Chem.,  in  press)  has  shown  that  the  same  applies  to  this  molecule 
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Inorg.  Chem.  1976,  15,  3009)  structure  should  be  revised. 

(27)  Smardzewski,  R.  R.;  Fox,  W.  B.  J.  Chem.  Phys.  1977,  67,  2309. 

(28)  Sawodny,  W.;  Birk,  K.;  Fogarasi,  G.;  Christe,  K.  O.  Z.  Naturforsch., 
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and  INDO  calculations,  respectively,  for  the  minimum  energy 
structures,  are  insignificant  and  result  in  inversion  energy  barriers 
which  are  comparable  to  the  zero- point  energies  of  the  inversion 
modes  in  the  ground  states. 

A  comparison  between  the  observed  (see  Table  I)  and  calculated 
(see  Table  II)  s-orbital  spin  densities  of  SF4‘  shows  qualitative 
agreement.  Although  the  value  of  0.033  calculated  for  the  sulfur 
3s-orbital  spin  density  of  the  Q  structure  of  SF4'  is  smaller  than 
that  of  0.103  derived  from  the  observed  33S  hyperfine  splitting, 
it  should  be  noted  that  the  former  is  very  sensitive  to  small  changes 
in  the  bond  angle  (see  Table  II).  A  slightly  larger  distortion  of 
SF4‘  from  Z>4*  symmetry  could  significantly  increase  the  calculated 
3s-orbital  spin  density  on  sulfur.  In  view  of  the  relatively  small 
energy  difference  between  the  C4l)  and  the  Dih  structures  (see 
above),  the  C4o  distortion  and  hence  the  hfs  and  spin  densities 
could,  in  theory,  be  strongly  temperature  dependent.  However, 
the  experimental  33S  hyperfine  splitting  showed  virtually  no 
difference  between  20  and  70  °C.  Unfortunately,  precise  mea¬ 
surements  at  lower  temperatures  were  precluded  by  anisotropic 
line  broadening. 

Comparison  of  SF4‘  with  isoelectronic  C1F4  (see  Table  I)  shows 
that  SF4‘  has  a  slightly  smaller  g-factor  than  C1F4,  as  expected 
from  the  smaller  spin-orbit  coupling  of  sulfur.  Comparison  of 
SF4'  with  SF512  shows  a  marked  difference  (see  Tables  I— III). 
In  SF4'  the  unpaired  electron  is  concentrated  mainly  in  the  sulfur 
pz  orbital,  whereas  in  SF5  it  is  mainly  located  in  an  sp-hybrid 
orbital,  which  accounts  for  the  much  larger  33S  hfs  of  the  latter. 

SF40‘  Radical  Anion.  By  analogy  to  the  generation  of  the  SF4" 
radical  anion  by  7-irradiation  of  Cs+SF5“  (see  above),  the  novel 
SF40'  radical  anion  was  generated  by  7-irradiation  of  Cs+SF50'. 
In  both  cases,  the  probable  reaction  mechanism  involves  the  loss 
of  a  fluorine  ligand  due  to  secondary  electron  capture.39 

SFsO'  +  e'  —  SF40  +  F 

The  observed  EPR  spectrum  exhibits  hyperfine  splittings  due  to 
four  equivalent  fluorine  atoms,  with  weak  satellite  lines  of  0.2% 
intensity  due  to  the  naturally  occurring  33S  isotope.  The  fact  that 
four  equivalent  fluorine  atoms  are  present  in  the  radical  leaves 
no  doubt  that  the  observed  radical  is  the  trans  isomer  (III)  rather 
than  the  cis  isomer  (IV).  By  analogy  with  «j-PF402'  (see  Table 
I),  cis-SF40“  would  be  expected  to  exhibit  three  fluorine  atoms, 
not  necessarily  equivalent,  with  large  hfs  and  one  fluorine  atom 
with  a  very  small  hfs.  As  discussed  above,  the  exclusive  formation 
of  the  trartj-SF40'  isomer  is  probably  due  to  both  energetic  and 
reaction  mechanistic  reasons.  If  the  fluorine  atom  were  eliminated 
from  the  SF5O'  precursor  by  random  electron  capture,  the  cis 
isomer  would  be  four  times  more  likely  to  form  than  the  trans 
isomer. 

As  can  be  seen  from  Tables  I  and  III,  the  orbital  spin  densities 
in  isoelectronic  tr<ms-SF40  and  frans-PF402'  are  similar  to  those 
in  SF5  but  deviate  significantly  from  those  in  SF4~.  This  indicates 
that  in  trans- SF40'  and  SF5  the  unpaired  electron  is  concentrated 
mainly  in  an  axial  sulfur  sp-hybrid  orbital,  which  accounts  for 
their  large  33S  hfs  (see  Table  I).  The  experimentally  found,  high 
values  of  the  3s-orbital  spin  densities  on  sulfur  in  frarw-SF40'  and 
SFs  are  also  supported  by  the  results  from  the  LDF  calculations 
(see  Table  III).  However,  the  relatively  large  changes  in  the  spin 
densities  between  isoelectronic  trans- SF40"  and  fran5-PF402  , 
predicted  by  the  LDF  calculations  (see  Table  III),  are  not  sub¬ 
stantiated  by  the  experimental  data  given  in  Table  I.  As  indicated 
by  the  LDF  calculations  (see  Table  III),  the  axial  oxygen  or 
fluorine  ligands  in  /ra/is-SF40'  or  SF5  have  little  spin  density, 
contrary  to  the  case  of  c/j-SF40”,  for  which  the  calculated  total 
spin  density  on  oxygen  is  0.184  (see  Table  IV). 

Bonding  in  SF4'  and  SF40'.  For  SF„',  the  LDF  calculated  and 
corrected  (-0.04  A)  S-F  bond  length  of  about  1.75  A  suggests 


(39)  This  mechanism  has  been  demonstrated  for  electron  capture  by  FjNO 
and  FCIOj,  since  their  radical  anions  were  observed  by  EPR  to  dissociate  into 
F,NO  and  CIO,,  respectively,  on  annealing  to  higher  temperature.  Nishikida, 
K.;  Williams,  F.  J.  Am.  Chem.  Soc.  1975.  97,  7166.  Hasegawa,  A.;  Hudson. 
R.  L.;  Kikuchi,  O.;  Nishikida,  K.;  Williams,  F.  J.  Am.  Chem.  soc.  1981,  105, 
3436.  Hasegawa,  A.;  Williams,  F.  J.  Am.  Chem.  Soc.  1981,  105 ,  7051. 
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long  and  weak  bonds,  when  compared  to  normal  S-F  single  bonds, 
which  have  values  ranging  from  about  1.53  to  1.56  A  (see  Table 
V).  These  long  S-F  bonds  in  SF4',  combined  with  the  above 
analysis  of  the  electron  spin  density  distribution,  suggest  the 
following  idealized  bonding  scheme  for  SF4~.  The  four  equatorial 
fluorines  are  bound  to  sulfur  by  two  semi-ionic,  three-center- 
four-electron  bond  pairs40"43  involving  the  p,  and  py  orbitals  of 
sulfur.  The  third  p  orbital  of  sulfur,  the  pz  orbital,  accommodates 
primarily  the  unpaired  free  electron,  while  the  remaining  sulfur 
free  valence  electron  pair  is  localized  mainly  in  its  s  orbital. 

For  trans- SF40',  the  bonding  of  the  four  equatorial  fluorines 
(calculated  bond  length  =  1.77  -  0.04  =  1.73  A)  is  similar  to  that 
proposed  above  for  SF4~,  i.e.  weak,  semi-ionic,  three-center- 
four-electron  bonds  involving  the  sulfur  p*  and  py  orbitals.  The 
LDF  calculated  S — O  bond  length  (1.464  -  0.04  =  1.42  A)  is 
comparable  to  normal  S=0  double  bonds  (r^  in  SF40  =  1.406 
A),34  supporting,  for  oxygen,  a  predominantly  covalent  bonding 
scheme  through  a  sulfur  spz  hybrid,  which  also  accommodates, 
to  a  large  extent,  the  unpaired  free  electron.  The  bonding  scheme 
in  SF40  is  completed  by  the  formation  of  an  additional  double 
bond  between  sulfur  and  oxygen. 

In  SFs,  the  basic  bonding  scheme  somewhat  resembles  that  in 
fnwts-SF40~,  but  the  ionic  character  of  the  four  equatorial  bonds 
is  less  pronounced.  This  is  not  surprising  in  view  of  the  lack  of 
a  formal  negative  charge  (neutral  radical  versus  radical  anion) 
which  strongly  enhances  semi-ionic  bonding.  This  interpretation 


(40)  Pimentel,  G.  C.  J.  Chem.  Phys.  195t,  19,  446. 

(41)  Hach,  R.  J.;  Rundle,  R.  E.  J.  Am.  Chem.  Soc.  1951,  73,  4321. 

(42)  Rundle,  R.  E.  J.  Am.  Chem.  Soc.  1963,  85,  112. 

(43)  Wiebenga,  E.  H.;  Havinga,  E.  E.;  Boswijk,  K.  H.  Adv.  Jnorg.  Chem. 
Radiochem.  1961,  3,  158. 


is  nicely  supported  by  the  atomic  charges  calculated  by  the  LDF 
method  for  these  radicals.  As  predicted  from  the  above  analysis, 
the  negative  charges  on  the  four  equatorial  fluorine  ligands  de¬ 
crease  from  -0.431  in  SF4~  to  -0.376  in  fratir-SF40‘  to  -0.212 
in  SFs. 

Conclusions 

The  novel  SF4~  and  trans- SF40"  radical  anions44  were  prepared 
by  y-irradiation  of  SF5"  and  SF50‘  containing  salts,  respectively, 
and  were  characterized  by  their  isotropic  EPR  spectra,  which 
permitted  the  determination  of  the  s-orbital  electron  spin  densities. 
Although  anisotropic  EPR  data  were  not  available  for  a  complete 
electron  spin  density  analysis,  the  nature  and  bonding  of  these 
interesting  radical  anions  were  elucidated  using  local  density 
functional  calculations.  LDF  theory  was  also  used  to  predict  the 
geometries  and  vibrational  spectra  of  these  and  other  closely 
related  radicals.  The  reliability  of  these  calculations  was  confirmed 
by  comparison  with  experimental  data  from  several  well-known 
sulfur  fluorides  and  oxyfluorides. 
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(44)  Morton  and  Preston  have  noted  in  ref  6  that  for  isoelectronic  pairs 
of  radicals  the  F1’  hyperfine  interaction  is  always  larger  in  the  radical  anion 
than  in  the  neutral  species.  The  results  of  the  present  study  are  in  accord  with 
this  generalization,  since  the  F”  splittings  for  SF4'  and  SF40  are  greater  than 
those  for  C1F4  and  SFs,  respectively  (see  Table  1). 
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Abstract;  Iodine  heptafluoride,  the  most  studied  prototype  of  a  heptacoordinated  molecule,  had  presented  many  mysteries 
concerning  its  spectroscopic  and  structural  properties.  It  is  shown  by  ab  initio  calculations  and  a  reexamination  of  the  vibrational 
spectra  and  their  normal  coordinate  analysis  that  most  of  the  previously  implied  abnormalities  were  due  to  incorrect  assignments. 
All  the  available  structural  data  for  IF,  are  consistent  with  a  highly  fluxional,  dynamically  distorted  pentagonal-bipyramidal 
molecule  possessing  O5*  symmetry  in  the  ground  state.  The  fluxionality  of  IF,  can  be  attributed  to  (i)  a  rapid  dynamic  puckering 
of  the  highly  congested  pentagonal  equatorial  plane  involving  a  very  low  frequency,  large  amplitude  puckering  mode  which 
induces  a  small  axial  bend  and  (ii)  a  much  slower  intramolecular  exchange  of  the  axial  and  equatorial  fluorines  resulting  in 
their  equivalence  on  the  NMR  time  scale.  The  high  degree  of  ligand  congestion  in  the  equatorial  plane  of  the  pentagonal 
bipyramid,  combined  with  a  semi-ionic,  6-center  10-electron  bonding  scheme,  results  in  the  equatorial  I-F  bonds  tying  significantly 
longer  than  the  axial  ones  and  the  equatorial  in-plane  deformation  force  constants  being  much  larger  than  the  out-of-plane 
ones.  It  is  shown  that  the  VSEPR  model  of  repelling  points  on  a  sphere  cannot  account  for  either  the  pentagonal-bipyramidal 
structure  of  heptacoordinated  molecules  or  the  planarity  of  their  equatorial  fluorine  belts.  These  features  can  be  explained, 
however,  by  a  bonding  scheme  involving  a  planar,  delocalized  pXJ,  hybrid  on  the  central  atom  for  the  formation  of  five  equatorial! 
semi-ionic,  6-center  10-electron  bonds  and  an  sp,  hybrid  for  the  formation  of  two  mainly  covalent  axial  bonds. 


Introduction 

Inorganic  fluorides  offer  a  unique  opportunity  to  study  unusually 
high  coordination  numbers  and  problems  associated  with  them, 
such  as  steric  activity  of  free  valence  electron  pairs,  steric  crowding 
of  the  ligands,  and  fluxionality.3  Of  particular  interest  in  this 
respect  are  structures  involving  five-fold  symmetry,  Le.  structures 
in  which  a  central  atom  possesses  five  equatorial  ligands.  Whereas 
four  equatorial  ligands  can  generally  be  accommodated  in  a  plane 
around  a  central  atom  without  difficulty,  five  of  them  at  reasonably 
short  bond  distances  are  usually  subject  to  severe  steric  crowding.4 
The  steric  crowding  and  the  resulting  mutual  repulsion  between 
these  ligands  can  be  relieved  by  puckering.  In  the  case  of  five-fold 
symmetry,  however,  this  puckering  presents  a  special  problem. 
The  odd  number  of  ligands  does  not  allow  for  a  highly  symmetric 
rigid  arrangement  in  which  all  five  equatorial  ligands  can  be  placed 
in  equivalent  positions,  with  identical  displacements  alternately 
above  and  below  the  equatorial  plane.  This  poses  several  inter¬ 
esting  questions,  such  as  (i)  are  the  five  equatorial  ligands 
equivalent  and,  if  so,  how  is  this  equivalency  achieved;  (ii)  are 
these  molecules  rigid  or  fluxional  and,  if  they  are  fluxional,  on 
what  time  scale;  and  (iii)  what  causes  heptacoordinated  molecules 
to  adopt,  contrary  to  the  “repelling  points  on  a  sphere"  VSEPR 
concepts,  pentagonal-bipyramidal  structures  with  either  planar 
or  only  slightly  puckered  equatorial  fluorine  belts? 

Until  now,  only  a  very  few  simple  molecules  with  five-fold 
symmetry  had  been  known.  The  simplest  and  most  thoroughly 
studied  example  of  a  molecule  of  five-fold  symmetry  is  IF,.  During 
an  ongoing  study  of  the  closely  related  TeF,",  IF6CT,  TeF602', 
and  XcF5"  anions,3-4  however,  it  became  apparent  that  the  vi¬ 
brational  assignments  and  some  of  the  structural  features  pro- 
posed5-6  for  IF,  were  seemingly  incompatible  with  our  results  for 
these  anions.  Therefore,  we  decided  to  reinvestigate  IF,. 

(1)  Rockwell  International,  Rocketdyne  Division. 

(2)  E.  L  du  Pont  de  Nemours  and  Company,  Inc. 

(3)  See  for  example:  Christe,  K.  O.;  Sanders,  J.  C.  P.;  Scbrobilgen,  G.  J.; 
Wilson,  W.  W.  J.  Chem.  Soc „  Chem.  Commun.  1991,  837  and  references 
cited  therein. 

(4)  Christe,  K.  O.;  Curtis,  E.  C.;  Dixon,  D.  A.;  Merrier,  H.  P.;  Sanders, 
J.  C.  P.;  Schrobilgen,  G.  J.  J.  Am.  Chem.  Soc.  1991,  113,  3351. 

(5)  Adams,  W.  J.;  Thompson,  B.  H.;  Bartell,  L.  S.  J.  Chem.  Phys.  1970, 
S3,  4040. 

(6)  Bartell,  L.  S.;  Rothman.  M.  J.;  Gavezzotti,  A.  J.  Chem.  Phys.  1982, 
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IF,  has  been  known  for  61  years,7  and  many  papers  dealing 
with  its  properties  and  structure  have  been  published.  The  fol¬ 
lowing  paragraph  summarizes  the  salient  features  and  conclusions 
from  the  previous  studies:  (i)  Crystal  structure  determinations 
of  solid  IF,  were  inconclusive  due  to  disorder  problems.8-13  (ii) 
In  the  liquid  and  gas  phases,  all  seven  fluorine  ligands  were  shown 
to  be  magnetically  equivalent  on  the  time  scale  of  NMR  spec¬ 
troscopy  due  to  an  intramolecular  exchange  of  equatorial  and  axial 
fluorines.14-18  (iii)  Gaseous  IF,  at  room  temperature  does  not 
possess  a  permanent  dipole  moment,  as  shown  by  the  absence  of 
microwave  transitions19  and  of  deflections  in  inhomogenous  electric 
fields.20  (iv)  Gas-phase  electron  diffraction  data5-21-22  show  that 
IF,  closely  approaches  Z)a  symmetry  with  a  misfit  in  the  2. 1-2.7 
A  region  which  is  not  much  larger  than  common  amplitudes  of 
vibration.  The  breadth  and  skewing  of  the  2.5-A  nonbonded 
F„— F„  radial  distribution  peak  were  explained  by  an  asymmetric 
molecule  involving  fluxionality  and  a  dynamic  pseudorotational 
ring  puckering  which  resulted  in  average  displacements  of  7.5® 
for  the  equatorial  fluorines  and  of  4.5°  for  the  axial  fluorines.3 
(v)  At  least  nine  studies  of  the  vibrational  spectra  of  IF,  have 
previously  been  reported,23-32  and  although  all  nine  studies  ana- 
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Table  I.  Mesh  Parameters  Used  for  the  LDF  Calculations 


parameter 

FINE4 

XFINE4 

A 

1.2 

1.5 

R 

12.0 

15.0 

threshold* 

0.00001 

0.000001 

max  1 

29 

35 

N  points 

302 

434 

*  Mesh  parameter  in  DMol.  ‘Angular  sampling  threshold. 


lyzed  the  observed  spectra  in  point  group  Dih,  all  sets  of  assign¬ 
ments  were  different  and  none  was  able  either  to  duplicate  the 
experimental  mean  square  amplitudes  of  vibration5  or  to  assign 
the  observed  infrared  combination  bands  without  violations  of  the 
*>5*  selection  rules,  (vi)  Results  from  a  pseudopotential  SCF-MO 
study6  yielded  a  minimum-energy  structure  with  Dih  symmetry 
and  an  alternative  assignment  for  the  vibrational  spectra;  however, 
the  agreement  between  calculated  and  observed  frequencies  was 
poor,  and  a  complete  vibrational  spectrum  was  not  calculated  at 
that  time  due  to  the  lack  of  analytic  second-derivative  methods 
for  pseudopotentials. 

Experimental  Section 

Materials  and  Apparatus.  The  preparation  and  purification  of  IF7 
have  previously  been  described.33  For  its  handling,  a  well-passivated 
(with  ClFj)  stainless-steel  vacuum  line,34  equipped  with  Teflon-FEP 
U-traps,  was  used.  Raman  spectra  were  recorded  on  a  Spex  Model  1403 
spectrophotometer  using  the  647.1-nm  line  of  a  Kr  ion  laser  for  excitation 
and  a  Miller-Harney-type35  cooling  device.  Flamed-out  quartz  tubes 
were  used  as  sample  containers  in  the  transverse-viewing-transverse-ex¬ 
citation  mode.  Infrared  spectra  of  the  gas  were  recorded  on  a  Perkin- 
Elmer  Model  283  spectrophotometer  using  a  5  cm  path  length  Teflon  cell 
equipped  with  AgCl  windows.  The  l9F  NMR  spectra  of  IF7  in  CFC1} 
solution  either  with  or  without  NaF  as  an  HF  getter  were  recorded  at 
84.6  MHz  on  a  Varian  Model  EM390  spectrometer  equipped  with  a 
variable-temperature  probe. 

Computational  Methods.  The  electronic  structure  calculations  were 
done  at  the  ab  initio  molecular  orbital  (MO)  and  local  density  functional 
(LDF)  levels.  The  ab  initio  MO  calculations  were  done  both  with  all 
electrons  and  with  an  effective  core  potential  (ECP)  replacing  all  of  the 
core  electrons  on  the  iodine.  In  both  cases,  the  valence  basis  set  was  of 
polarized  double  f  quality.  The  fluorine  basis  set  for  both  calculations 
is  from  Dunning  and  Hay.36  The  all-electron  basis  set  for  iodine  is  from 
Huzinaga  et  al.,37  and  the  ECP  calculations  were  done  with  the  ECP  of 
Hay  and  Wadt3*  including  relativistic  corrections.  The  geometries  were 
optimized  by  using  gradient  techniques,33  and  the  force  fields  were  cal¬ 
culated  analytically.40-41  The  ab  initio  MO  calculations  were  done  with 
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the  program  GRADSCF42  as  implemented  on  a  Cray  YMP  computer 
system. 

The  LDF  calculations43  were  done  with  the  program  system  DMol44 
on  a  Cray  YMP  computer.  A  polarized  double  numerical  basis  set  was 
used  for  the  calculations;  the  atomic  basis  functions  are  given  numerically 
on  an  atom-centered,  spherical-polar  mesh.  Since  the  basis  sets  are 
numerical,  the  various  integrals  arising  from  the  expression  for  the  energy 
need  to  be  evaluated  over  a  grid.  The  radial  portion  of  the  grid  is 
obtained  from  the  solution  of  the  atomic  LDF  equations  by  numerical 
methods.  The  number  of  radial  points  A'r  is  given  as 

JVR  =  14^(Z  +  2)>/3  (1) 

where  Z  is  the  atomic  number.  The  maximum  distance  for  any  function 
is  R^,.  The  angular  integration  points  JVf  are  generated  at  the  NR  radial 
points  to  form  shells  around  each  nucleus.  The  value  of  N(  ranges  from 
14  to  depending  on  the  behavior  of  the  density  and  the  maximum 
1  value  for  the  spherical  harmonics,  These  quantities  for  the  two 
meshes  used  in  this  study  are  given  in  Table  I. 

The  conversion  of  the  Cartesian  second  derivatives  to  symmetry- 
adapted  internal  coordinates  was  done  with  the  BMATRIX  program45 
using  Khanna’s  symmetry  coordinates.  The  axial  and  equatorial  bond 
lengths  used  were  1.76  and  1.86  A,21  respectively.  The  mean  amplitudes 
of  vibration  were  calculated  by  using  the  NORCORL  program,46  which 
follows  the  definitions  given  by  Cyvin.42 

Results  and  Discussion 

Ab  Initio  Calculations.  As  our  recent  results  on  the  vibrational 
spectra  and  structures  of  the  pentagonal-planar  XeFs"  and  pen- 
tagonal-bipyramidal  IF60"  anions3-4  substantially  differed  from 
those5-6-23"32  previously  reported  for  pentagonal-bipyramidal  IF7, 
ab  initio  calculations  were  carried  out  for  IF7  at  the  following  levels 
of  theory;  (i)  local  density  functional  (LDF)  theory  with  numerical 
functions;  (ii)  all-electron  MO  calculations;  and  (3)  MO  calcu¬ 
lations  with  an  effective  core  potential  (ECP)  on  iodine.  All  three 
calculations  resulted  in  a  pentagonal  bipyramid  of  Dsh  symmetry 
as  the  lowest  energy  structure.  The  calculated  geometries  and 
vibrational  frequencies  are  summarized  in  Table  II  and  compared 
to  the  revised  (see  below)  experimental  values.  The  IF7  structure 
obtained  by  the  LDF  method  with  a  FINE  grid  had  a  degenerate 
imaginary  frequency  of  50/  cm"1  for  the  equatorial  puckering 
mode.  Very  low  frequency,  degenerate  modes  in  highly  sym¬ 
metrical  structures  are  very  sensitive  to  the  nature  of  the  grid  in 
numerical  basis  set  LDF  calculations,  as  shown  previously  for 
Ni(CO),*.4®  Improving  the  mesh  quality  (XFINE  in  Table  I) 
did  not  change  the  structure  or  change  the  frequencies  except  to 
reduce  the  magnitude  of  the  imaginary  E/'  mode  to  40/  cm"1. 
Reducing  the  symmetry  to  C2  or  Ct  resulted  in  structures  with 
only  one  component  of  die  E/'  mode  being  imaginary  and  having 
smaller  values  but  led  to  structures  that  were  higher  in  energy 
by  <0.05  keal/mol  and  with  the  remaining  frequencies,  excluding 
the  E/'  mode,  within  10  cm"1  of  those  for  the  LDF  Dsh  structure. 
As  can  be  seen  from  Table  II,  the  resulting  changes  in  the  fre¬ 
quencies  and  geometries  for  the  C2  and  Ci  structures  from  the 
05*  structure  are  rather  small  and  demonstrate  the  great  simi¬ 
larities  between  the  ideal  Dik  structure  and  the  other  structures 
which  are  somewhat  deformed  by  equatorial  puckering  and  slight 
axial  bending.  This  is  in  accord  with  the  previous  conclusion  that 
the  potential  energy  well  for  IF7  at  Dsh  is  very  flat  and  shallow 
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Table  II.  Observed  and  Calculated  Vibrational  Frequencies  and  Geometries  for  IF7 


assignments  and  approximate  mode 

obsd  frequencies 

(cm*1)  Frpo 

calculated  frequencies  (cm"1) 

SCF  LDF 

descriptions  in  point  group  D& 

IR 

R  Dih 

Dy 

Dy 

c2 

c, 

A,' 

v  sym  XF2  ax 

676  (2)  p  673 

743 

630 

629 

625 

"2 

v  sym  XFS  eq 

635  (10)  p  644 

704 

598 

596 

596 

A2"  r3 

p  as  XF2  ax 

746  s 

753 

834 

710 

708 

703 

i  umbrella  XFS  eq 

365  s 

368 

366 

304 

310 

305 

E,'  ,5 

p  as  XFj  eq 

670  vs 

681 

761 

647 

644 

646 

"6 

6  as  XF$  in  plane 

425  vs 

441 

454 

377 

375 

376 

*7 

6  sciss  XF2  ax 

257  w 

265 

261 

213 

211 

212 

E," 

&  rock  XF2  ax 

319  (0.6)*  320 

321 

259 

268 

282 

E/ 

mixture  of  6  sciss  XFS 

in  plane 

596  (0.2)  605 

651 

561 

559 

560 

V10 

and  p  as  XF5  eq 

510(1.7)  515 

555 

467 

464 

458 

E/' 

5  pucker  XF5  eq 

[68]'  59 

39 

50/ 

4133/ 

4223/ 

calculated 

obsd5 

ECP“ 

SCF 

LDF 

geometry  values 

c2-c. 

Dy,  Dy, 

Dy 

Dy 

c, 

*i-F„)  (A) 

1.786  (7) 

1.781  1.7705 

1.807 

1.870 

1.874 

r(I-FJ  (A) 

1.858  (4) 

1.857  1.8333 

1.862 

1.918 

1.917 

average  eq  puckering  angle  (deg) 

75 

0  O' 

O' 

O' 

4.0“ 

deviation  of  ax  bonds  from  180° 

45 

0  0 

0 

0 

1.7' 

“The  ECP  frequencies  were  scaled  by  a  factor  of  0.932.  ‘This  frequency  value  was  derived  from  the  two  Raman  bands  at  310  (0.6)  and  352  (0.6) 
cm'1  by  correction  for  Fermi  resonance  (see  text).  'Estimated  from  the  («>7  +  *,,)  combination  band  (see  text).  ‘'Although  DH  symmetry  requires 
the  equatorial  plane  in  the  average  to  be  planar,  the  low  frequency  of  combined  with  the  large  F„— F^  amplitude  of  vibration  makes  the  effective 
equatorial  puckering  comparable  to  that  found  for  the  lower  symmetries  (see  text).  'The  actual  displacements  of  the  five  equatorial  fluorines  from 
the  ideal  plane  in  a  clockwise  sense  were  +0.35°,  -3.15°,  +6.65°,  -6.65°,  and  +3-25°  with  the  axial  fluorines  being  bent  toward  the  equatorial 
fluorine  with  the  smallest  (0.35°)  equatorial  displacement 


and  has  a  nearly  quartic  contour  for  buckling  along  either  a  C2 
or  a  C,  symmetry  coordinate.49  It  seems  likely  that  the  out- 
of-plane  potential  would  be  quadratic  when  the  repulsion  of  the 
fluorine  atoms  is  neglected.  Including  the  fluorine  repulsions  adds 
a  double  minimum  term  which  adds  up  to  a  quartic  wdl  near  the 
minimum  and  undoubtably  has  a  complex  shape.  Table  II  shows 
that  the  effective  core  potential  data  set,  after  scaling  by  a  factor 
of  0.932,  duplicates  best  the  experimental  frequencies27-30  with 
an  average  frequency  deviation  of  only  7  cm-1.  This  small  de¬ 
viation  is  excellent  considering  that  the  calculated  values  are 
harmonic,  gas-phase  frequencies,  while  the  observed  values  are 
anharmonic  frequencies  measured  in  some  cases  even  in  liquid 
or  solid  phases. 

Raman  Spectrum  of  Solid  IF*  A  comparison  between  the 
calculated  (see  Table  II)  and  previously  reported23'32  vibrational 
frequencies,  irrespective  of  their  detailed  assignments,  revealed 
the  following  general  problems:  (i)  a  Raman  active  mode  having 
a  predicted  frequency  of  about  605  cm'1  was  missing;  (ii)  there 
was  one  excess  fundamental  vibration  in  the  300-400-cmH  region; 
and  (iii)  the  puckering  mode  of  the  equatorial  plane,  which  should 
be  inactive  in  both  the  Raman  and  infrared  spectra,  should  have 
a  very  low  frequency  of  about  60  cm'1  and  be  observable  only 
indirectly  in  the  form  of  combination  bands. 

For  these  reasons,  the  Raman  spectrum  of  solid  IF7  was  rein¬ 
vestigated  at  different  temperatures.  As  can  be  seen  from  Figure 
1,  at  -142  °C  a  distinct  Raman  band  is  observed  at  596  cm"1, 
exhibiting  about  the  right  intensity  for  the  missing  equatorial  IF; 
antisymmetric  stretching  or  in-plane  scissoring  modes.  At  higher 
temperature,  this  band  becomes  hidden  in  the  foot  of  the  intense 
635-cm'1  band  due  to  the  increased  line  widths.  In  the  300- 
360-cm'1  region,  two  fundamental  vibrations  had  previously  been 
identified27  at  310  and  352  cm"1.  Figure  1  shows  that,  an  cooling 
from  -13  to  -142  °C,  the  frequency  separatum  of  these  two  bands 
decreases  from  42  to  29  cm'1  while  at  the  same  time  the  relative 
intensity  of  the  higher  frequency  band  decreases  markedly.  This 
behavior  is  characteristic  for  a  Fermi  resonance  between  a  fun¬ 
damental  vibration  and  a  combination  band  where  the  population 
of  the  combination  band  decreases  with  decreasing  temperature. 
Therefore,  the  352-cm"1  Raman  band  does  not  represent  a  fun¬ 
damental  vibration.  It  is  due  (see  below)  to  a  combination  band 


(49)  Thompson,  H.  B.;  Bartell,  L.  S.  Inorg.  Chem.  1968,  7, 488. 
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Figure  I.  Raman  spectra  of  solid  IF7  recorded  at  -142  and  -13  °C. 


which  involves  the  inactive  equatorial  ring-puckering  mode  and 
confirms  the  predicted  low-frequency  value  of  the  latter. 

Vibrational  Assignments.  In  view  of  the  above  findings,  the 
vibrational  assignments  for  IF7  (see  Table  II)  can  now  be  easily 
made  by  comparison  with  the  calculated  ECP  frequencies.  All 
bands  strictly  follow  the  selection  rules  for  Dy,  symmetry,  2A,'(Ra) 
+  2A?"(IR)  +  3E,'(IR)  +  1E,"(R)  +  2Ej'(R)  +  lE/'(ia),  and 
exhibit  the  expected  relative  intensities,  infrared  gas-phase  band 
contours,  and  Raman  polarization.  The  agreement  between 
calculated  and  observed  frequencies  (average  Ar  =  7  cm'1)  is 
excellent  and  supports  the  present  assignments. 

The  difficulty  of  assigning  the  vibrational  spectra  of  IF7  without 
the  help  of  reliable  ab  initio  calculations  is  best  reflected  by  the 
failures  of  the  previous  vibrational  analyses,23-32  in  which  no  more 
than  four  out  of  the  eleven  fundamental  vibrations  had  been 
correctly  assigned,  a  disappointing  result  if  one  considers  the  large 
number  of  studies  and  the  expertise  of  the  previous  investigators. 
The  only  significant  improvement  over  these  poor  results  had 
previously  been  achieved  by  Bartell  and  co-workers,  who,  with 
the  aid  of  pseudopotential  SCF-MO  calculations,  correctly  located 
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Table  III.  Combination  Bands  Observed  in  the  Infrared  Spectrum  of 
Gaseous  IF7  and  Their  Assignment _ _ 


frequency 

(cm'1),  rel  int  _ assignment 


1417 

m 

676 

(A/)  + 

746 

(A2")  = 

=  1422  (A2") 

1380 

sh 

635 

(A,')  + 

746 

(A,")  = 

=  1381  (A2") 

1345 

vw 

676 

(A/)  + 

670 

(E|0  = 

1346  (E/) 

1302 

m 

635 

(A/)  + 

670 

(E,0  = 

1305  (E,0 

1258 

mw 

596 

(E20  + 

670 

(E,0  = 

1266  (E,'  +  E20 

1177 

mw 

670 

(E,')  + 

510 

(EjO  = 

1 180  (E/  +  EjO 

1100 

w 

676 

(A,')  + 

425 

(E,0  = 

1100  (E,0 

1058 

w 

635 

(A,')  + 

425 

(E/)  = 

1060  (E,0 

1000 

sh 

635 

(A,0  + 

365 

(A/0  = 

=  1000  (A2") 

934 

vw 

676 

(A,0  + 

257 

(E,0  = 

933  (E,0 

886 

vw 

635 

(A,0  + 

257 

(E|0  = 

892  (E,Q 

839 

w 

510 

(E/)  + 

331 

<E,"  + 

Ej")  =  841  (A,"  + 

A 

2"  +  E, 

"  +  : 

e2") 

518 

vw 

596 

(E20  - 

74  (E2")  =  522  (A,"  +  A2"  +  E, 

seven  of  the  eleven  fundamental  vibrations  and  predicted  the  right 
frequency  range  for  two  additional  ones.6  Most  of  these  difficulties 
can  be  attributed  to  the  fact  that  the  previous  investigators  did 
not  realize  that  the  equatorial  in-plane  bending  modes  of  IF,  have 
such  unusually  high  frequencies. 

In  several  of  the  previous  studies,  the  inability  to  assign  the 
observed  infrared  combination  bands  of  IF,  without  violations  of 
the  Dih  selection  rules  had  been  explained  by  a  strong  coupling 
between  the  E/'  and  E/  modes  which  should  make  the  E2"  ov¬ 
ertones  and  the  pseudoradial,  pseudoangular  combination  bands 
slightly  infrared  active,  with  intensity  borrowed  from  the  induced 
E,'  displacements.5-30-50  As  can  be  seen  from  Table  III,  the  revised 
assignments  for  IF,  given  in  Table  II  permit  the  assignment  of 
all  the  observed  infrared  overtones  and  combination  bands  without 
any  violations  of  the  Dsh  selection  rules,  thus  eliminating  one  of 
the  arguments  previously  advanced6-30  against  IF,  having  an  av¬ 
erage  symmetry  of  Dih. 

The  above  mentioned,  Raman  active  combination  band  at  352 
cm'1,  which  is  in  Fermi  resonance  with  v8  (Ei")  requires  some 
special  comment  First  of  all,  Fermi  resonance  requires  this  band 
to  have  the  same  E"  symmetry  as  »>8-,  secondly,  the  band  cannot 
be  assigned  using  any  of  the  remaining  fundamental  vibrations 
of  IF,;  and  thirdly,  there  are  only  two  fundamental  vibrations, 
v,  (E,0  and  vu  (E2"),  that  have  frequencies  lower  than  that  of 
v%.  Therefore,  tine  352-cm'1  band  can  only  be  due  to  a  combination 
of  v,  (E,0  with  the  inactive  equatorial  ring-puckering  mode,  v,, 
(E,'0,  which  results  in  the  required  E"  symmetry  for  the  ensuing 
combination  band.  After  a  correction  for  the  Fermi  resonance 
induced  frequency  shift,51  a  frequency  of  about  68  cm-1  is  obtained 
for  the  ring-puckering  mode,  piit  which  is  in  good  agreement  with 
the  value  of  59  cm'1  predicted  by  our  ECP  calculations.  Fur¬ 
thermore,  tins  [v,  (E,Q  +  v, ,  (E,")]  combination  band  represents 
the  mode  proposed5-6  by  Bartell  for  the  pseudorotation  in  IF,. 

Force  Constants  and  Mean  Square  Amplitudes  of  Vibration. 
Another  problem  in  the  previous  IF,  studies22'32  was  the  dis¬ 
crepancy  between  the  mean  square  amplitudes  of  vibration  from 
the  electron  diffraction  study5  and  those  derived  from  normal 
coordinate  analyses  of  the  vibrational  spectra.  Since  all  the 
previous  normal  coordinate  analyses  for  IF,  had  been  carried  out 
with  partially  incorrect  assignments,  such  an  analysis  was  repeated 
using  our  ab  initio  (ECP)  force  field.  The  resulting  symmetry 
force  constants,  the  explicit  F  rpatrix,  and  the  potential  energy 
distribution  (PED)  are  summarized  in  Table  IV.  The  listed 
frequencies  and  force  constants  were  scaled  by  factors  of  0.932 
and  0.9322  =  0.8686,  respectively,  to  maximize  the  frequency  fit 
with  the  observed  spectra.  As  can  be  seen  from  the  PED  in  Table 
IV,  most  of  the  fundamental  vibrations  are  highly  characteristic 
and  well  described  by  the  approximate  mode  descriptions  given 
in  Table  II.  The  only  exceptions  are  (i)  the  equatorial,  antisym- 


(50)  Jacob,  E.  J.;  Bartell,  L.  S.  J.  Chem.  Phys.  WTO,  S3,  2235. 
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Georg  Thieme  Verlag:  Stuttgart,  Germany,  1982;  p  37. 


metric  in-plane  bending  vibration,  v6  (E|0,  which  contains  a  strong 
contribution  from  axial  bending  and  (ii)  the  two  E/  modes,  v9 
and  Vjo,  which  have  similar  frequencies  and,  therefore,  are  almost 
equal  mixes  of  equatorial  stretching  and  in-plane  bending. 

Inspection  of  the  internal  force  constants  of  IF,  (see  Table  V) 
reveals  several  interesting  features:  (i)  The  stretching  force 
constant  of  the  axial  bonds,  /*  is  considerably  larger  than  that 
of  the  equatorial  bonds,  as  expected  from  the  observed  bond 
lengths5  and  general  valence  shell  electron  pair  repulsion 
(VSEPR)S2  arguments  which  attribute  the  longer  equatorial  bonds 
to  the  congestion  and  increased  mutual  repulsion  of  the  ligands 
in  the  equatorial  plane.  The  absolute  value  of/*  5.01  mdyn/A, 
is  lower  than  that  of  5.42  mdyn/A  previously  found  for  the  IF6+ 
cation,53  as  expected  for  going  from  a  fiuorocation  to  its  parent 
molecule,  and  (ii)  the  values  of  the  equatorial  angle  deformation 
constants,/,  and  /,  exhibit  a  huge  difference.  As  expected,  the 
in-plane  deformation,/,,  is  very  large  (0.84  mdyn/A)  due  to  the 
severe  crowding  in  the  equatorial  plane,  while  the  out-of-plane 
deformation,/,  is  very  small  (0.16  mdyn/A)  because  of  the  ease 
of  equatorial  ring  puckering.  These  force  constants  lend  strong 
support  to  our  model  of  the  bonding  and  fluxionality  in  IF,  (see 
below). 

For  our  calculation  of  the  mean  square  amplitudes  of  vibration 
from  the  force  field,  internal  force  constants  were  required.  For 
this  purpose,  the  explicit  F  matrix  (see  Table  IV)  and  a  set  of 
internal  force  constants  (see  Table  V)  were  derived  for  IF,.  Since 
there  are  more  internal  force  constants  than  symmetry  force 
constants,  additional  relations,  such  as  the  procedures  of  the  pure 
vibrational  force  field  by  Kuczera5*'58  and  molecular-orbital¬ 
following  arguments,  were  used  for  the  estimation  of  the  internal 
force  constants. 

The  previous  electron  diffraction  study5  had  resulted  in  two 
different  sets  of  mean  square  amplitudes  of  vibration  which, 
depending  on  the  choice  of  the  structural  model,  strongly  differed 
in  their  value  for  the  nonbonded  ^(F^—F^,)  amplitude.  For  a 
static  Dih  model,  this  amplitude  had  a  value  of  0.169  A,  whereas 
for  the  statically  or  dynamically  distorted  C2  (50%  C,  +  50%  Cs) 
or  C,  models,  values  ranging  from  0.104  to  0.107  A  were  obtained. 
Since  the  analysis  of  the  vibrational  spectra  provides  an  inde¬ 
pendent  experimental  set  of  mean  square  amplitudes  for  IF,,  this 
set  can  be  used  to  distinguish  between  the  two  structural  models 
which  were  proposed5  on  the  basis  of  the  electron  diffraction  data. 
As  can  be  seen  from  Table  VI,  the  mean  square  amplitudes  from 
the  vibrational  spectra  are  in  good  agreement  with  the  Dy,  but 
not  the  other  models.  It  must  be  kept  in  mind,  however,  that  the 
unusually  large  vibrational  amplitude  of  0.16  A  for  /(F^—F^,) 
in  the  Dik  model  corresponds  to  a  6.9°  displacement  of  a  fluorine 
ligand  from  the  equatorial  plane  and  is  very  close  to  the  average 
equatorial  puckering  angle  of  7.5°  deduced  from  the  electron 
diffraction  data  for  the  distorted  models.5  The  good  agreement 
between  the  mean  square  amplitudes  of  vibration  derived  from 
our  force  field  and  those  deduced  for  the  Dj*  model  from  the 
electron  diffraction  data,5  is  very  gratifying  and  attests  to  the 
correctness  of  our  revised  assignments. 

Axial-Equatorial  Ligand  Exchange.  In  addition  to  the  above 
described,  very  fast  dynamic  puckering  of  the  pentagonal  equa¬ 
torial  fluorine  plane  which  requires  very  little  energy  (ru  =  59 
cm'1  =  0.17  kcal  moT1)  and  hence  is  thermally  populated  at  higher 
vibrational  levels  even  at  low  temperatures,59  a  second  type  of 


(52)  Gillespie,  R.  J.  Molecular  Geometry,  Van  Nostrand  Rcinhold  Co.: 
London,  1972. 

(53)  Christe,  K.  O.;  Wilson,  R.  D.  Inorg.  Chem.  1975, 14, 694. 

(54)  Kuczera,  K.;  Czerminski,  R.  J.  Mol.  Struct.  1983, 105, 269. 

(55)  Kuczera,  K.  J.  Mol.  Struct.  1987, 160,  159. 

(56)  Lopez  Gonzalez,  J.  J.;  Fernandez  Gomez,  M.;  Martinez  Torres,  E 
J.  Mol.  Struct.  1992,  265,  397. 

(57)  Fernandez  Gomez,  M-;  Lopez  Gonzalez,  J.  J.  J.  Mol.  Struct.  1990, 

220, 287.  _ 

(58)  Lopez  Gonzalez,  J.  J.;  Fernandez  Gomez,  M.  J.  Mol.  Struct.  1990, 
216,  297. 

(59)  The  vibrational  partition  function  terms  for  are  3.6  and  1.9  at  20 
and  -142  °C,  respectively,  which  means  that,  at  these  temperatures,  only  21% 
and  34%  of  the  molecules  are  in  the  ground  state. 
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Table  IV.  F  Matrix  and  Scaled  ab  Initio  Effective  Core  Potential  Force  Field  and  Potential  Energy  Distribution  for  IF7  of  Symmetry  Dih 


assign¬ 

ment 

freq 

(cm-1) 

symmetry  force  constants' 

potential  energy 
distribution  (%)* 

A,' 

r, 

673 

F II  =  fo  +  foo 

5.063 

100  (1) 

=  VI  Ofat 

-0.0058 

n 

644 

Fn  ~fd+  2 fit  +  2 ft. 

4.651 

100  (2) 

A," 

753 

F}}  -  fo  ~foo 

4.947 

92  (3)  + 

8(4) 

ft*  ~  V5  (fot  -fm) 

0.342 

*4 

368 

F*4=fe  +  If  is  -  ft,  +  2 fir  -  Ifey  ~  2 fir~ 

1.624 

100  (4) 

»s 

681 

Fn  —  fd  +  2 fdd  cos  a  +  2ft,  cos  2 a 

4.105 

97  (5)  + 

3(7) 

Fit  =  fda  +  2  fda'  COS  a  +  2ft,.  cos  2a 

-1.427 

F j7  =  \Z2iftt  +  2ft,  cos  a  +  2f„.  cos  2a) 

0.231 

441 

Fu=fa  +  2 faa  cos  a  +  2fa,  cos  2a 

3.879 

62  (6)  + 

33  (7)  +  5  (5) 

Ft 7  =  V2<f^  +  2 frf  cos  a  +  2 ft,,  cos  2a) 

-0.318 

265 

Frt  =fe  +  2ft,  cos  a  +  fg,  +  2/#-  cos  2a  +  2f„..  cos  a  +  2fg,~  cos  2a 

0.980 

93  (7)  + 

7(6) 

E," 

n 

320 

Ftt~fe  +  2fes  cos  a  -fs,  +  2f„.  cos  2 a  -  2fer.  cos  a  -  2 fe6~~  cos  2a 

0.823 

100  (8) 

E/ 

605 

F„=  fd  +  2 ftt  cos  2a  +  2 ft,  cos  a 

3.436 

57  (10)  +  43  (9) 

F».io  =  fda  +  2 fda-  COS  2a  +  2 ft,  cos  a 

0.531 

"10 

515 

Fiaio  -fa  +  2 faa  cos  2a  +  2fa,  cos  a 

3.375 

61  (9)  + 

39  (10) 

E," 

•'ll 

59 

Fjt.u  =fe  +  2 fee  005  2a  ~fte  +  2fer  cos  a  -  2 cos  2 a  -  2/fl(r»  cos  a 

0.0647 

100(11) 

‘Stretching  constants  in  mdyn/A,  deformation  constants  in  mdyn  A/rad2,  and  stretch-bend  interaction  constants  in  mdyn/rad.  ‘The  symmetry 
coordinates  used  for  our  normal  coordinate  analysis  of  IF,  were  taken  from  ref  25,  but  the  sequence  of  S ,  and  S2  was  interchanged  and  the  E," 
coordinate  was  placed  ahead  of  the  E2'  block. 


Table  V.  Internal  Force  Constants'  (mdyn/A)*  of  IF, 


fo  =  5.005 

fop  =  0.058 

fat  =  -0.0018 

fi  ~  3.947 

fts  «  0.326 

ft,  «  0.0265 

fa  =  0.841 

/„  -  -0.187 

/«-  =  -0-243 

fda  E/fa-  g  ~fda"  =  -0.238 


ft  =  0.163 
fit  =  0.078 
/«r  =  -0-042 
fur  =  -0.038 
fur-  =  -0.044 
/«-  =  -0.058 
fu  =  0.090 
/w  -fdr  =  0 

/*  =/or  =  ~f*r  -  -0.021 
fat  m  ~fotr  "  0-042 _ 


‘D  *  I-F„,  </  =  I-F„,  a  =  /F„,-I-F«p  d  =  ZF^-I-F,,,  dd  -  cou¬ 
pling  to  adjacent  d,  dd'  =  coupling  to  opposite  d,  aa  =  adjacent  a,  at/ 
*=  opposite  a,  da  =  a  opposite  to  d,  dot  =  remote  a,  do/'  =  adjoining 
a,  dd  =  common  D  and  adjoining  d,  Pft'  =  noncommon  D  and  common 
d,  dd"  ■  common  D  and  remote  d,  dd"'  =  noncommon  D  and  adjoin¬ 
ing  d,  dd""  =  noncommon  D  and  remote  d,  dp  =  common  d,  dff  - 
adjoining  d,  d(3”  =  remote  d,  aft  -  opposite  d,  aft'  =  adjoining  d,  aft" 
=  common  d,  DP  =  common  D,  Dft'  =  opposite  D.  *The  internal  force 
constants  have  been  normalized  for  distance  assuming  D  =  1.781  A 
and  d  =  1.857  A. 


Table  VI.  Comparison  of  the  Mean  Square  Amplitudes  (A)  of 
Vibration  of  IF,  Obtained  from  the  Vibrational  Spectra  with  Those 
Derived  from  the  Electron  Diffraction  Study  under  the  Assumption 
of  Different  Structural  Models 


vibrational 
spectra  (05,) 

electron  diffraction5 

05,  50%  Cj-50%  C, 

*(I-F„) 

0.039 

0.042' 

0.043  ±  0.003 

/(I-F„) 

0.043 

0.044 

0.045  ±  0.003 

£(F„— Fw)  short 

0.061 

0.061 

0.061  ±  0.005 

^(F«)— Fe,)  long 

0.0601 

'(F„-F„) 

0.053 1 

0.093* 

0.091  ±  0.006* 

*(F„— F„) 

0.163 

0.169 

0.106  ±  0.008 

‘Obtained  from  constraint  *(I~F„)  =  /(I~F„)  -  0.002  A. 
*  Overlapping  peak  which  could  not  be  resolved  into  its  two  compo¬ 
nents. 


fluxionality  is  possible  for  IF,.  This  second  type  of  fluxionality 
involves  an  intramolecular  exchange  of  axial  and  equatorial 
fluorines.  This  was  shown  by  the  magnetic  equivalence  of  all  seven 
fluorine  ligands  of  IF,'4"18  or  the  isoelectronic  TeF,"  anion4  on 
the  NMR  time  scale.  This  exchange  process,  with  an  estimated17 
lifetime  of  a  given  configuration  of  X  10"3  s,  is  considerably 
slower  than  that  for  ring  puckering  and  involves  higher  vibrational 
levels  of  v,  (E|0-  This  motion  can  best  be  described  as  an  an¬ 
tisymmetric  combination  of  the  axial  and  equatorial  bending 
symmetry  coordinates,  S6  and  S7,  which  is  accompanied  by  an 


out-of-plane  twisting  motion  of  the  three  remote  equatorial  fluorine 
ligands. 


F— 

'aJ^f 

FJrpi C;  V,  (£,•)  =  265  cm-> 

This  axial-equatorial  exchange  mechanism  is  analogous  to  that 
previously  proposed  by  Berry®  for  trigonal-bipyramidal  molecules, 
such  as  PFS  or  SF4,  and  involves  a  substantial  energy  barrier  of 
several  vibrational  levels  of  vv 
The  previous  reports14-18  for  the  19F  NMR  spectra  of  IF,  were 
confirmed  by  our  study.  Spectra  of  IF,  in  CFC13  solution,  in  the 
presence  or  absence  of  NaF,  showed  at  -1 10  °C  only  one  broad 
line  at  $  =  173.5  with  a  line  width  of  —  1 150  Hz,  which  at  higher 
temperatures  became  extremely  broad,  as  expected  from  the  large 
127I_19F  spin-spin  coupling  of  about  2100  Hz,18  the  5/2  spin  of 
iodine,  and  a  quadru polar  mechanism.17 

Structure  of  IF,.  Whereas  the  results  of  the  ab  initio  calcu¬ 
lations,  the  microwave  study,  and  the  normal  coordinate  analysis 
arc  best  interpreted  in  terms  of  a  structural  model  of  average  Dsk 
symmetry  that  undergoes  a  rapid  dynamic  puckering  of  the 
equatorial  plane  with  very  large  vibrational  amplitudes,  the 
previous  electron  diffraction  data5  favored  a  pseudorotational 
C2~CS  model  with  an  equilibrium  structure  that  is  distorted  from 
Dih  symmetry.  The  question  then  arises  whether  one  of  these 
seemingly  different  models  is  incorrect  or  if  the  differences  are 
only  due  to  semantics  of  how  to  best  describe  a  highly  fluxional 
and  dynamically  distorted  molecule. 

First  of  all,  one  must  understand  what  type  of  information  can 
be  gained  from  the  different  methods  of  investigation.  Electron 
diffraction  results  generally  describe  the  average  structure  of 
vibrating  molecules  and  not  the  minimum-energy  geometries.41 
If  a  highly  fluxional  molecule,  such  as  IF,,  undergoes  a  large 
dynamic  distortion  at  low  energy,  then  electron  diffraction  will 
only  see  a  distorted  molecule.  A  classic  example  for  such  a  case 
is  the  linear  C02  molecule,  which,  according  to  its  electron  dif¬ 
fraction  data,  would  be  bent  because  in  the  vibrating  molecule 
the  average  nonbonded  O—O  distance  becomes  shorter  than  twice 


(60)  Berry,  R.  S.  J.  Chem.  Phys.  1960, 32,  933. 

(61)  Bartell,  L.  S.  In  Physical  Methods  of  Chemistry,  Weissberger,  A., 
Rossiter,  B.  A,  Eds.;  Wiley  Interscience:  New  York,  1972;  Vol.  I„  Part  IIID, 
p  125. 
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the  bonded  C-O  distance.61  Returning  to  the  electron  diffraction 
data  for  IF7,  the  conclusions5-6  reached  by  Bartell  and  co-workers 
are  compelling  by  their  logic  and  thoroughness:  The  plane  of  the 
five  equatorial  fluorines  of  IF,  is  highly  congested.  This  congestion 
can  be  relieved  by  a  large-amplitude,  dynamic  puckering.  For 
a  five-fold  symmetry,  the  five  ligands  cannot  be  displaced  from 
the  equatorial  plane  in  a  manner  which  renders  them  at  any  given 
time  equivalent  and  equidistant  from  the  ideal  equatorial  plane 
as  shown  by  the  previously  published5  geometries  of  the  C2  or  Cs 
models  of  IF7.  As  a  consequence  of  these  uneven  equatorial  ligand 
displacements,  the  axial  ligands  experience  an  uneven  repulsion 
from  the  equatorial  plane  and  will  bend  away  from  those  ligands 
which  exhibit  the  largest  displacements  from  the  equatorial  plane.52 
Since  the  experimental  evidence  overwhelmingly  suggests  that  all 
the  equatorial  ligands  are  equivalent,  a  rapid  dynamic  pseudo¬ 
rotation  of  the  puckering  motion  must  be  invoked  which  is 
phase-coupled  to  a  precession  of  the  slightly  bent  axial  FIF  group 
(i.e.  Bartell’s  pseudorotational  model).5  Due  to  the  short  time 
scale  of  the  electron  diffraction  technique,  it  detects  at  all  times 
a  distorted  IF7  molecule  that  exhibits  a  strong  and  uneven 
equatorial  puckering  and,  as  a  consequence,  also  an  axial  bend 
which  results  in  an  equilibrium  symmetry  lower  than  Dsk. 

On  the  other  hand,  ab  initio  calculations  and  vibrational 
spectroscopy  generally  describe  the  symmetry  of  the  minimum- 
energy  geometry,  which  for  IF7  would  be  Dih  if  the  distortions 
are  only  dynamic  in  nature  and  not  static.  Although  the  knowledge 
of  the  exact  potential  energy  curve  of  IF7  would  be  desirable  to 
distinguish  between  a  distorted  and  an  undistorted  ground-state 
configuration,  the  absence  of  a  permanent  dipole  moment20  and 
microwave  transitions19  and  the  results  from  this  study  strongly 
favor  an  undistorted  Ds>  ground  state  which  undergoes  facile 
dynamic  distortion,  most  likely  by  Bartell’s  pseudorotation 
mechanism.5  This  signifies  that  both  the  D5h  and  the  dynamically 
distorted  model  descriptions  for  IF7  are,  in  principle,  correct 
because  they  describe  different  time  domains.  The  undistorted 
Dsi  model  describes  the  nonvibrating  ground  state  whereas  the 
distorted,  dynamically  puckered,  pseudorotational  model  depicts 
the  vibrating  molecule. 

Corroborating  evidence  that  heptacoordinated  molecules,  with 
either  fluorine,  oxygen,  or  free  valence  electron  pairs  as  ligands, 
possess  in  their  ground  states  pentagonal-bipyramidal  structures 
with  an  unpuckered  equatorial  plane  comes  from  ongoing  ab  initio 
calculations  and  two  recent  X-ray  crystal  structure  determinations. 
It  has  experimentally  been  shown  that  in  XeF5",  in  which  the 
longer  Xe-F  bond  distances  of  1.979  (2)-2.034  (2)  A  lessen  the 
equatorial  ligand-ligand  repulsions  (fa  -  0.364  mdyn/A),  the 
equatorial  fluorines  are  essentially  coplanar.4  It  has  also  been 
shown  that  in  IF60  (fa  =  0.690  mdyn/A),  which  has  considerably 
shorter  (1.88  A)  equatorial  bonds  than  XeF5',  the  equatorial 
fluorines  are  puckered,  but  that  with  decreasing  temperature  the 
degree  of  puckering  strongly  decreases.62 

The  fact  that  heptacoordinated  species  in  their  ground  states 
exhibit  pentagonal-bipyramidal  structures  with  aa  unpuckered 
equatorial  plane  cannot  be  rationalized  by  VSEPR  theory63  in 
terms  of  a  “repelling  points  on  a  sphere”  (POS)  model  which 
should  result  in  cither  a  monocapped  octahedron  or  a  monocapped 
trigonal  prism.  Furthermore,  it  cannot  be  explained  by  conven¬ 
tional  bonding  schemes  involving  localized  electron  orbitals  of  the 
central  atom  to  enforce  the  coplanarity  of  a  central  atom  and  five 
equatorial  ligands.  The  best  explanation  to  account  for  this 
planarity  is  the  bonding  scheme  first  proposed4  for  XeF5"  based 
on  an  ab  initio  calculation  of  the  molecular  orbital  population. 
In  this  scheme,  the  structure  and  bonding  of  XeFs~  are  explained 
by  a  simple  model  derived  from  XeF4.  The  bonding  in  the 
square-planar  XeF,  can  be  described  by  two  semi-ionic,  3-center 
4-electron  (3c-4e)  bonds64  for  the  four  Xe-F  bonds  and  two  lone 


(62)  Cbriste,  K.  O.;  Dixon,  D.  A.;  Mahjoub,  A.  R.;  Mercier,  H.  P.;  San¬ 
ders,  J.  C.  P.;  Seppelt,  K.;  Schrobilgcn,  G.  J.;  Wilson,  W.  W.  J.  Am.  Chem. 
Soc.,  in  press. 

(63)  Gillespie,  R.  J.;  Hargittai,  11.  In  The  VSEPR  Model  of  Molecular 
Geometry,  Allyn  and  Bacon,  A  Division  of  Simon  &  Schuster,  Inc.:  Needham 
Heights,  MA,  1991;  p  58. 


Table  VII.  Atomic  Populations  (e)  in  the  Valence  Electron  Orbitals 
and  Total  Charge  Distributions  for  XeF5~  and  IF7 


XcFs-  IF, 


Central  Atom 

s 

2.22 

1.35 

p,  =  p> 

0.61 

0.64 

p.- 

2.02 

0.60 

d.2 

0.03 

0.11 

d,2  =  d,2 

0.06 

0.12 

0.14 

0.20 

=  d „ 

0.04 

0.14 

d  total 

0.37 

0.83 

Equatorial  Fluorines 

s 

1.98 

1.93 

p  bond 

1.70 

1.57 

p  in  plane 

1.98 

1.96 

P* 

1.97 

1.94 

d 

0 

0.03 

Axial  Fluorines 

s 

1.92 

P* 

1.54 

V,  =  P, 

1.94 

d 

Total  Charges 

0.04 

central  atom 

2.25 

2.94 

F* 

-0.63 

-0.43 

F 

4  ax 

-0.39 

valence  electron  pairs  on  Xe  (s^2  hybrids). 

The  3c-4e  bonds 

involve  the  p  2  and  p  2 

1  orbitals  of  xenon.  Addition  of  an  F~  ion 

to  the  equatorial  plane  in  XeF4  results  in  pentagonal-planar  XeFs~ 
and  the  formation  of  a  semi-ionic,  6-center  10-electron  (6c-10e) 

bond  involving  the  delocalized  p^2  hybrid  orbitals  of  Xe  and 
six  electrons  on  the  five  F  ligands.4  The  two  lone  valence  electron 

pairs  on  Xe  in  XeF5" 

are  analogous  to  those  in  XcF4. 

The  planar  IFS  fragment  of  IF,  has  essentially  the  same  bonding 
as  XeFs',  as  shown  by  the  atomic  population  calculations  given 
in  Table  VII.  As  expected  for  the  replacement  of  two  free  valence 
electron  pairs  on  the  central  atom  by  two  bonded  ligands,  each 

of  which  contributes  one  electron  to  its  bond,  the  population  of 
the  s2  and  p22  orbitals  of  I  in  IF,  has  decreased  by  about  two 
electrons,  compared  to  those  in  XeF4  and  XeFs".  The  higher 
oxidation  state  of  the  central  atom  in  IF,  (+VII)  results  in  I  having 
a  higher  positive  charge  than  Xe  (+IV)  in  XeFs~.  This  causes 
the  effective  electronegativity  difference  between  the  central  atom 
and  the  ligands  in  IF,  to  be  smaller  than  those  in  XeF4  and  XeF5~ 
and  results  in  an  increased  covalency  and  a  shortening  of  the 
central  atom-fluorine  bonds.  Furthermore,  the  axial  fluorine 
ligands  in  IF,  carry  less  of  a  negative  charge  than  the  equatorial 
ones  and  their  bonds  have  higher  s-character,  which  accounts  for 
the  axial  I-F  bonds  to  be  more  covalent  and,  hence,  shorter  than 
the  equatorial  ones. 

Of  course,  the  above  model  does  not  account  for  the  fact  that 
the  electrons  will  try  to  minimize  their  mutual  repulsions  and 
occupy  all  of  the  available  orbitals  to  do  so.  This  results  in  the 
participation  of  some  d  functions.  Although  we  are  not  proposing 
a  d  hybridization  model,  the  population  in  the  d  orbitals  docs 
suggest  a  redistribution  into  these  orbitals  beyond  that  expected 
if  the  d  orbitals  were  to  act  solely  as  polarization  functions. 

The  above  atomic  population  and  total  charge  distribution 
analysis  qualitatively  confirms  our  simple  bonding  model  for 
pentagonal-bipyramidal  molecules.  This  model  involves  the  use 
of  delocalized  p22  and  py2  hybrid  orbitals  of  the  cental  atom  for 
the  formation  of  a  semi-ionic,  6c-10e  bond  with  the  five  equatorial 
ligands  and  of  an  sp.  hybrid  orbital  for  the  formation  of  two,  more 
covalent,  axial  bonds.  This  bonding  scheme  can  account  for  all 
the  observed  structural  features  and  also  the  observed  bond  length 
differences.  The  planarity  of  the  px2  and  p,2  hybrid  orbitals  of 


(64)  Pimentel,  G.  C.  J.  Chem.  Phys.  1951, 10, 446.  Hach,  R.  J.;  Rundle, 
R.  E.  J.  Am.  Chem.  Soc.  1951,  73, 4321.  Rundle,  R.  E  J.  Am.  Chem.  Soc. 
1963 .83, 112. 


1526 


the  central  atom  also  provides  the  explanation  of  why  the  hep- 
tacoordinated  main  group  fluorides  prefer  pentagonal-bipyramidal 
structures  and  not  the  monocapped  octahedral  or  trigonal  prismatic 
ones  expected  from  VSEPR  arguments.63 

The  possible  puckering  of  the  equatorial  plane  in  pentago¬ 
nal-bipyramidal  molecules  is  due  to  the  high  degree  of  congestion 
in  this  plane.  While  in  XeFs"  (/<Xe-F)  ~  2.00  A)4  the  congestion 
is  relatively  low  and,  therefore,  the  anion  is  still  plahar,  the 
considerably  shorter  equatorial  I-F  bonds  (r  =  1.857  A)5  in  IF, 
result  in  increased  repulsion  and  significant  puckering. 

Conclusion 

The  problems  previously  encountered  with  the  vibrational 
spectra  and  normal  coordinate  analyses  of  IF,  have  been  resolved 
and  were  caused  by  partially  incorrect  assignments.  It  is  shown 
that  the  lowest  energy  structure  of  IF,  is  a  pentagonal  bipyramid 
of  Djh  symmetry  that  can  undergo  a  facile,  rapid,  dynamic,  low- 
frequency  equatorial  ring  puckering  with  very  large  vibrational 
amplitudes.  Equivalence  of  the  five  equatorial  ligands  in  species 
of  five-fold  symmetry  is  most  likely  achieved  by  Bartell's  pseu- 
dorotational  mechanism,5  which  can  also  account  for  the  deviations 
from  Dih  symmetry  observed  by  electron  diffraction  studies  of  the 
molecules  at  room  temperature  in  the  gas  phase.  The  pentago¬ 
nal-bipyramidal  structures  of  heptacoordinated  fluoride  or  oxy- 
fluoride  complexes,  the  planarity  of  their  equatorial  ligands  in 
their  minimum-energy  structures,  and  the  large  differences  in  their 
equatorial  and  axial  bond  lengths  are  attributed  to  a  bonding 
scheme  which  involves  a  planar,  delocalized  PXJ,  hybrid  orbital 
of  the  cental  atom  for  the  formation  of  five  equatorial,  semi-ionic, 
6-center  10-electron  bonds  and  an  sp2  hybrid  for  the  formation 


of  two  mainly  covalent  axial  bonds.  The  apparent  puckering  of 
the  fluorine  ligands  in  the  equatorial  plane  is  due  to  their  wide 
vibrational  amplitudes  involving  large  vibrational  quantum  num¬ 
bers.  This  effect  depends  strongly  on  the  relative  sizes  of  the 
central  atom  and  its  ligands  and  the  temperature.  Thus,  XeF5‘, 
which  is  least  congested,  is,  within  experimental  error,  planar,4 
while  IFtO“  is  strongly  puckered,  but  its  degree  of  puckering 
significantly  decreases  with  decreasing  temperature.62  In  IF,,  the 
I-F  bonds  are  the  shortest  and,  hence,  the  puckering  is  most 
pronounced.  These  data  suggest  that  a  wide  spettrum  of  structures 
should  exist  for  pentagonal-bipyramidal  molecules  which  range 
from  complete  planarity  to  a  strong  puckering  of  the  equatorial 
ligands. 
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Note  Added  in  Proof:  The  Coriolis  f  constants  of  the  E/  Mock 
of  IF,  were  calculated  from  the  force  field  and  have  the  following 
values:  f55  =  -0.1 13,  =  0.201,  =  0.913.  Using  these  values. 

Dr.  L.  Bernstein  has  calculated  the  infrared  band  contour  of  ps. 
It  exhibits  a  PQR  structure  similar  to  that  observed  for  the  670 
cm-1  band.  The  absence  of  pronounced  PQR  structure  for  the 
746-cm-1  band  is  attributed  to  interference  from  hot  bands.  A 
high  resolution  study  would  be  required  to  better  understand  the 
details  of  the  observed  band  contours. 
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Abstract:  The  H2N3+  salts  of  SbFf,  AsF<f,  and  BF4*  have  been  prepared  and,  for  the  first  time,  been  isolated  from  HF  solutions 
of  HNj  and  the  corresponding  Lewis  acids.  They  are  hygroscopic  white  solids  which  are  stable  at  room  temperature.  The 
crystal  structure  of  H^^ShF*"  was  determined  at  20  K.  This  compound  crystallizes  in  the  orthorhombic  system,  space  group 
Pmc2 1,  with  two  molecules  in  a  unit  cell  of  dimensions  a  =  5.794  (3)  k,b  =  5.113  (2)  A,  and  c  -  9.919  (5)  A  with  R  -  0.015, 
R  =0  022  for  587  observed  (/  >  3<r(/)]  reflections.  In  addition  to  two  almost  perfectly  octahedral  SbF6~  anions,  the  umt 
cell  contains'  two  asymmetric  H2N3+  cations  with  N(l)-N(2)  =  1.295  (5)  A,  N(2)-N(3)  =  1.101  (6)  A,  andN(l)-N(2)-N(3) 
=  175  J  (5)°  and  both  hydrogens  bonded  to  the  same  nitrogen  atom,  N(l).  The  infrared  and  Raman  spectra  of  these  salts 
were  also  recorded.  Local  density  functional  calculations  were  carried  out  for  H2N3+  and  isoelectronic  H2NCN  and  used 
for  the  assignment  of  the  observed  vibrational  spectra  and  the  determination  of  their  force  fields.  The  general  agreement  between 
the  calculated  and  observed  geometries  and  frequencies  is  very  good.  The  results  from  the  LDF  calculations  indicate  that 
the  H2N  group  in  H2N3+  is  less  pyramidal  than  that  in  H2NCN  and,  therefore,  possesses  a  lower  inversion  energy  barrier. 


Introduction 

During  our  attempted  fluorination  of  HN3  in  anhydrous  HF 
solutions  using  either  XeF^AsF*-  or  F2  and  the  Lewis  acids  SbFj, 
AsF5,  and  BF3,  stable  white  solids  were  isolated  which  were 
identified  as  H2N3+  salts  of  the  corresponding  Lewis  acids. 
Relatively  little  had  been  known  about  salts  derived  from  pro- 
tonated  hydrazoic  acid.  In  1966,  Schmidt  reported5  the  prepa¬ 
ration  of  H2N3+SbCV  from  the  reaction  of  HN3  with  SbCl$  and 
HC1  in  CH2C12  at  -78  °C.  On  the  basis  of  the  observation  of 
an  infrared  band  at  1522  cm-1,  which  on  deuteration  was  shifted 
to  1 163  cm-1,  he  proposed  that  H2N3+  has  the  asymmetric  am¬ 
inodiazonium  structure,  H2N — N2+,  and  not  the  symmetric 
Hiawninm  structure,  [HN=N=NH]+.  However,  out  of  the  nine 
fundamental  vibrations  expected  for  H2N — N2+,  only  four  were 
experimentally  observed,  and  no  explanation  was  offered  for  the 
absence  of  the  other  five  bands.  In  1983,  Olah  and  co-workers 
studied  the  protonation  of  HN3  in  HF/SbF5,  HF/BF3,  and 
HS03F/SbF5  solutions.6  By  'H  and  ISN  NMR  spectroscopy, 
they  unequivocally  established  that  H2N3+  has  indeed  the  asym¬ 
metric  aminodiazonium  structure  but  did  not  isolate  or  further 
characterize  these  salts.  Chi  the  basis  of  ab  initio  molecular  orbital 
calculations  at  the  3-21G  level  of  theory,  they  furthermore  con¬ 
cluded  that  the  aminodiazonium  structure,  H2N — N2'r,  is  favored 
by  49.8  kcal  mol-1  over  the  symmetric  diazenium  structure, 
[HN=N=NH]+  and  that  the  optimized  H2N — N2+  structure 
has  the  following  planar  configuration  of  symmetry  C^: 


H 


.008 

\ 

^N(l) — N{2) — N(3) 


To  our  knowledge,  no  other  studies  on  aminodiazonium  salts  have 
been  published. 


Experimental  Section 

Ceatioa'.  Neat  hydrazoic  acid  is  shock  sensitive,  and  proper  safety 
precautions,  such  as  working  on  a  small  scale  and  using  safety  shields, 
should  be  taken  when  handling  the  material. 

Materials.  HN3  was  prepared  from  NaN3  and  stearic  acid  at  110-1 30 
•C.7  HF  (Matheson)  was  dried  by  storage  over  BiFs.‘  AsFs,  SbF5 
(Ozark  Mahoning),  and  BF3  (Matheson)  were  purified  by  fractional 
condensation  prior  to  use. 

Apparatus.  HN3  was  generated  and  handled  on  a  Pyrex  vacuum  line 
equipped  with  Kontes  Teflon  valves.  HF  and  the  Lewis  adds  were 


’Dedicated  to  Professor  G.  Olah  on  the  occasion  of  his  65th  birthday. 


handled  in  a  stainless  steel-Teflon-FEP  vacuum  system*  and  solids,  in 
the  dry  N2  atmosphere  of  a  glovebox.  Vibrational  spectra  were  recorded 
as  previously  described.10 

Preparation  of  H2N3+AsF«".  A  prepassivated  (with  C1F3  and  HF) 
Tefkm-FHP  ampule  that  was  closed  by  a  stainless  steel  valve  was  loaded 
on  the  metal  vacuum  line  with  HF  (4.6  g).  On  the  Pyrex  line,  HN3  (2.73 
mmol)  was  added  at  -196  °C,  and  the  mixture  was  homogenized  at  room 
temperature.  AsFs  (2.86  mmol)  was  added  on  the  metal  line  at  -196  °C, 
and  the  mixture  was  warmed  to  -78  °C  for  1.5  h.  The  HF  solvent  and 
the  unreacted  starting  material  were  pumped  off  while  the  ampule  was 
warmed  slowly  to  ambient  temperature.  Pumping  was  continued  for  1 
h  at  20  °C.  The  ampule  contained  633  mg  of  a  white  solid  (weight 
reticulated  for  2.73  mmol  of  H2N3+AsF6~  =  636  mg)  which  was  identified 
by  vibrational  spectroscopy  and  X-ray  diffraction  as  H2N3+AsF6~. 

Preparation  of  H2N3+SbF«\  Antimony  pentafluoride  (2.74  mmol)  was 
transferred  on  the  metal  line  in  a  dynamic  vacuum  into  a  prepassivated 
Tefkm-FEP  U-tubc  that  was  kept  at  -78  °C  and  closed  by  two  stainless 
steel  valves.  Anhydrous  HF  (1.6  g)  was  added  at  —196  °C,  and  the 
mixture  was  briefly  warmed  to  room  temperature.  Hydrazoic  add  (3.23 
mmol)  was  added  at  -196  °C  on  the  Pyrex  line,  and  the  mixture  was 
wanned  to  room  temperature.  All  material,  volatile  at  room  temperature, 
was  pumped  off  for  30  min,  resulting  in  a  white,  stable  solid  (760  mg; 
weight  calculated  for  2.74  mmol  of  H2N3+SbF4'  =  766  mg)  which  was 
identified  by  vibrational  spectroscopy  and  a  crystal  structure  determi¬ 
nation  as  H2N3+SbF4~. 

Preparation  of  H2N3+BF4'.  According  to  the  procedure  described 
above  for  H2N3+AsF4‘,  HN3  (2.88  mmol)  was  combined  with  BF3  (3.23 
mmol)  in  HF  (5.66  g).  Wanning  of  the  resulting  mixture  from  -196  to 
-78  °C  produced  a  gel-type  product  which  on  further  warming  to  -22 
°C  formed  a  clear  solution.  Volatile  products  were  pumped  off  at  -22 
*C  for  2  h  and  at  20  °C  for  10  min,  leaving  behind  379  mg  of  a  white, 
somewhat  tacky,  solid  (weight  calculated  for  2.88  mmol  of  H2N3+BF4 
=  377  mg)  which  was  identified  by  vibrational  spectroscopy  as  H2N3+- 

bf4-. 
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Table  I.  Details  of  the  Data  Collection  and  Structure  Refinement 
for  H2N3+SbF6-  at  20  K  _ 


formula 

H2N3SbF6 

fw 

279.78 

cryst  system 

orthorhombic 

space  group 

Pmc2t 

cryst  dimens,  mm 

0.15  X  0.30  X  0.50 

cryst  color 

colorless 

cryst  habit 

irregular 

a ,  A 

5.794  (3) 

b.k 

5.113  (2) 

c,  A 

9.919  (5) 

Z 

2 

v.  A3 

293.88 

p(calcd),  g/cm3 

1.79 

radiation  (X,  A) 

Mo  Ka  (0.7107) 

abs  coeff  (ft),  cm'1 

2.42 

abs  cor  type 

empirical 

abs  factor  range  (intensity) 

1.14-1.00 

F(000),  e 

154 

temp,  K 

20 

diffractometer 

Huber  (Crystal  Logic) 

scan  mode;  speed,  deg/min 

6-26;  12.0 

26  range,  deg 

1-65 

total  no.  of  reflns  measd 

2095  (+A,±*,±f) 

no.  of  unique  reflns 

649 

0.024 

no.  of  reflns  used  in  refinement 

587  (/  >  MO) 

no.  of  params  refined 

58 

final  shift/error  max,  av 

0.021,  0.002 

max  residual  density,  e/A3 

1.55  (0.75  A  from  Sb) 

r  =  zm  -  |F-cll/X|F„| 

0.015 

R.  =  (IMIFJ  -  |Fc|)3/Ek<|F0|)2),/3 

0.022 

GOF  =  (I>(|FJ  -  |FC|)2/(7V0  -  TV.))1'3 

1.024 

isotropic  extinction  param  (X105) 

1.883 

Crystal  Structure  Determination  of  H2N3+SbF6'.  Single  crystals  of 
H2NJ+SbF*~  were  obtained  by  recrystallization  from  anhydrous  HF  so¬ 
lution.  Suitable  crystals  were  selected  under  a  microscope  inside  the 
glovebox  and  sealed  in  quartz  capillaries.  Initial  data  collection  was 
carried  out  at  room  temperature  on  a  Siemens  P2,  diffractometer.  The 
structure  was  solved  and  refined  to  an  agreement  factor  of  R  —  0.049  for 
409  reflections.  This  structure  revealed  an  asymmetric  H2N3+  cation 
with  two  poorly-defined  H  atoms  attached  to  one  of  the  terminal  N 
atoms.  Since  the  hydrogen  positions  in  this  room-temperature  X-ray 
analysis  were  not  entirely  satisfactory,  it  was  decided  to  re-collect  data 
at  low  temperature. 

Low-temperature  diffraction  data  were  collected  on  a  four-circle 
Huber  diffractometer  equipped  with  a  closed-cycle  helium  refrigerator.11 
The  crystal  was  slowly  cooled,  over  a  period  of  4  h,  to  20  (5)  K.  Accurate 
unit  cell  parameters  at  this  temperature  were  obtained  by  least-squares 
refinement  of  15  centered  reflections  and  are  listed  in  Table  I  together 
with  other  details  of  data  collection  and  structure  refinement.  Intensity 
data  at  20  K  were  collected  with  the  6- 26  step  scan  technique,  up  to  a 
maximum  20  of  65°.  Three  standard  reflections  measured  after  every 
97  reflections  showed  no  decay.  A  total  of  2095  reflections  were  mea¬ 
sured  over  one  hemisphere  of  reciprocal  space  and  were  then  averaged 
for  multiple  observations  to  give  a  set  of  649  unique  reflections.  f?(av) 
was  0.024.  Corrections  for  Loren tz  and  polarization  effects  were  made, 
and  an  empirical  absorption  correction  was  applied  using  the  V'-scan 
procedure. 

The  position  of  antimony  was  determined  from  a  Patterson  map,  and 
the  remaining  non-hydrogen  atom  positions  were  obtained  from  the  initial 
difference  Fourier  map.  The  structure  was  then  refined  using  587  re¬ 
flections  with  I  >  3 <r(/),  first  with  isotropic  and  later  with  anisotropic 
thermal  parameters.  At  this  point,  a  difference  electron  density  map 
revealed  the  positions  of  the  hydrogen  atoms  at  a  distance  of  0.85  A  from 
N(l).  In  the  final  cycles  of  least-squares  refinement,  the  hydrogen  atom 
positions  were  also  refined  with  a  fixed  isotropic  temperature  factor.  The 
assigned  thermal  parameter  for  the  hydrogen  atoms  was  30%  higher  than 
the  average  isotropic  thermal  parameters  of  the  rest  of  the  atoms,  ex¬ 
cluding  Sb.  Refinement  converged  with  final  agreement  factors  of  R(F) 
=  0.015  and  RW(F)  =  0.022  and  GOF  =  1.024.  In  the  final  difference 
map,  except  for  two  ripples  associated  with  Sb  (1.55  and  1.51  e/A3  about 
0.68  and  0.75  A  away,  respectively),  the  maximum  residual  electron 


(II)  Strouse,  C.  E.  Rev.  Set.  Instrum.  1976,  47,  871-876. 


Table  II.  Fractional  Atomic  Coordinates  and  Equivalent  Isotropic 
Thermal  Parameters  (A3)  with  Esd’s  of  the  Refined  Parameters  in 
Parentheses  for  H2N3+SbF4"  at  20  K 


atom 

X 

y 

z 

10 ‘tv 

Sb 

0.0000 

0.13576  (3) 

0.1873* 

40(1) 

F(l) 

-0.2303  (3) 

-0.0176  (3) 

0.0790  (2) 

85  (6) 

F(2) 

0.2311  (3) 

0.2909  (3) 

0.2946  (2) 

88  (6) 

F(3) 

0.0000 

0.4289  (5) 

0.0720  (3) 

84  (10) 

F(4) 

0.0000 

-0.1618  (5) 

0.2993  (4) 

83(11) 

N(l) 

0.5000 

-1.4511  (7) 

1.0250(4) 

83  (14) 

N(2) 

0.5000 

-1.6211  (6) 

0.9282  (5) 

85(18) 

N(3) 

0.5000 

-1.7781  (7) 

0.8523  (4) 

HI  (IS) 

H(l) 

0.388  (13) 

-1.3753  (65) 

1.020  (11) 

127' 

*£/«,  =  (1  /(6T2)]  4  3  coordinate  held  constant  to  define 

origin.  'Assigned  isotropic  temperature  factor  held  constant. 


Table  HI.  Interatomic  Distances  (A)  and  Angles  (deg)  with  Esd’s  in 

Parentheses  for  H2N3+SbF6"  at  20  K' 

___ 

N(!)-N(2)  1.295  (5)  N(l)-H(l)  0.76(7) 

N(2)-N(3)  1.101  (6)  H(l)-H(l')  1.30  (16) 

N(l)-N(2)-N(3)  175.3(5)  H(l)-N(l)-N(2)  107(6) 

H(l)-N(l)-H(l')  118(8) 

SbFf 


Sb-F(l) 

1.884  (2) 

Sb-F(3) 

1.885  (3) 

Sb-F(2) 

1.885  (2) 

Sb-F(4) 

1.884  (3) 

F(l)-Sb-F(r) 

90.20  (1) 

F(2)-Sb-F(2') 

90.5  (1) 

F(I)-Sb-F(2) 

89.65  (8) 

F(2)-Sb-F(3) 

90.46  (8) 

F(l)-Sb-F(2') 

179.58  (9) 

F(2)-Sb-F(4) 

90.4  (1) 

F(l>-Sb-F(3) 

F(l)-Sb-F(4) 

89.15  (9) 
90.00  (9) 

F(3)-Sb-F(4) 

178.8  (1) 

*  Room-temperature  parameters:  N(l)-N(2)  =  1.36  (5)  A,  N(2)- 
N(3)  =  1.06  (5)  A,  N(l)-N(2)-N(3)  =  173  (5)°. 


H*) 


Figure  1.  Atom  numbering  schemes,  bond  lengths  (A),  and  bond  angles 
(deg)  for  H2N3+  and  SbF6~  at  20  K. 


Figure  2.  Packing  diagram  of  H2N3*SbF4'  viewed  along  the  b  axis. 

density  was  less  than  0.75  e/A3.  No  significant  correlations  were  ob¬ 
served.  All  data  reduction,  structure  solution  and  refinement,  and 
graphics  were  executed  using  the  UCLA  crystallographic  package.13 
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Figure  3.  Vibrational  spectra  of  solid  H2N  5^SbF6  :  trace  A,  infrared 
spectrum  of  a  sample  pressed  between  AgBr  windows;  traces  B  and  C, 
Raman  spectra  recorded  at  25  and  -145  °C,  respectively. 


Final  atomic  coordinates  with  equivalent  isotropic  thermal  parameters 
are  listed  in  Table  II.  Interatomic  distances  and  angles  are  given  in 
Table  III,  and  the  anisotropic  temperature  factors  are  listed  in  Table  IS 
in  the  supplementary  material.  An  Ortep  plot  of  the  molecule  is  shown 
in  Figure  1,  and  unit  cell  packings  along  the  b  and  a  axes  are  shown  in 
Figures  2  and  3,  respectively. 

Crystal  Structure  Determination  of  H2N3AsFt .  This  compound 
crystallizes  in  the  orthorhombic  space  group  Pmal  (No.  28),  with  a  - 
20.056  A,  i  =  5.468  A ,  c  =  5.523  A,  V  =  604.7  A3,  and  Z  =  4.  Data 
were  collected  at  room  temperature,  and  the  structure  was  refined  to  an 
agreement  factor  off?  =  0.057  for  387  nonzero  reflections.  The  structure 
shows  a  linear  and  apparently  almost  symmetric  H2N,  cation  [N— N  — 
1.16  (2)  and  1.19  (2)  k,  N-N-N  =  177  (2)°].  However  the  structure 
analysis  was  marred  by  extensive  disordering  of  the  AsFf  anion,  and  it 
is  quite  possible  that  the  H2N3+  cation  suffers  from  a  2-fold  packing 
disorder  as  well.  The  H  atoms  in  HjNj+AsF^  could  not  be  located. 

Methods.  The  geometry,  vibrational  frequencies,  and 
force  field  of  H2N3+  were  calculated,  as  previously  described,13  in  the 
local  density  functional  (LDF)  approximation  by  using  the  program 
system  DMol  with  a  polarized  double  numerical  basis  set. 

Results  and  Discussion 

Syntheses  and  Properties  of  H2N3+  Salts.  Protonation  of  HN3 
by  mixtures  of  HF  and  the  strong  Lewis  acids  SbFs,  AsF5,  and 
BF3,  followed  by  removal  of  solvent  and  unreacted  starting  ma¬ 


in)  The  programs  used  in  this  work  included  modified  versions  of  the 
following  programs:  REDUCE  (Broach,  Coppens,  Becker,  and  Biasing), 
peak  profile  analysis,  Loren tz  and  polarization  corrections;  ORFLS  (Busing, 
Martin,  and  Levy),  structure  factor  calculation,  full-matrix  least-squares 
refinement;  ORFEE  (Busing,  Martin,  and  Levy),  distance,  angle,  and  error 
ORTEP  (Johnson),  figure  plotting.  Scattering  factors  and 
corrections  for  anomalous  dispersion  were  taken  from:  International  Tables 
for  X-ray  Crystallography,  Kynoch  Press;  Birmingham,  England,  1974;  Vol. 
IV  All  calculations  were  performed  on  a  DEC  VAX  3100  cluster. 

(13)  (a)  Christe,  K.  O.;  Wilson,  R.  D.;  Wilson,  W.  W.;  Bau,  R.;  Sukumar, 
S ;  Dixon,  D.  A.  J.  Am.  Chem.  Soc.  1991,  113,  3795.  (b)  Dixon,  D.  A.; 
Andzelm,  J4  Fitzgerald,  G.;  Wimrner,  E4  Jasien,  P.  In  Density  Functional 
Methods  in  Chemistry,  Labanowski,  J.,  Andzelm,  J.,  Eds.;  Springer  Veriag: 
New  York,  1991;  p  33.  (c)  Dixon,  D.  A.;  Christe,  K.  O.  J.  Phys.  Chem.  1992, 
96. 1018.  (d)  Delley,  B.  J.  Chem.  Phys.  1990.  92,  508.  Dmol  isi available 
commercially  from  BIOSYM  Technologies,  San  Diego,  CA.  A  FINE  grid 
was  used.  The  multipolar  fitting  functions  for  the  model  density  used  to 
evaluate  the  effective  potential  have  angular  momentum  numbers  of  3  for  N 
and  2  for  H. 


terial  at  room  temperature,  produces  the  H2N3+  salts  of  SbF6~, 
AsF6~,  and  BF4‘,  respectively. 

HN3  +  HF  +  XF„  —  H2N3+XF^r 

A1  though  the  existence  of  the  H2N3+  cation  in  these  solutions  had 
previously  been  established  by  multinuclear  NMR  spectroscopy,6 
the  actual  salts  had  not  been  isolated  and  characterized.  All  salts 
are  white,  crystallinic  solids  that  are  stable  at  room  temperature. 
They  are  strongly  hygroscopic  and,  when  exposed  to  moisture, 
form  the  corresponding  H30+  salts'4 

H2N3+SbF6-  +  H20  -  H30+SbF6-  +  HN3 

as  expected  from  H20  being  a  stronger  base  than  HN3  and, 
therefore,  being  able  to  displace  HN3  from  its  salts. 

X-ray  Crystal  Structure  of  H2N3+SbF6‘.  The  crystal  structure 
of  H2N3+SbF<f  was  determined  both  at  room  temperature  and 
at  20  K.  The  structures  were  almost  identical  at  both  temperatures 
(see  Table  III  and  footnote),  but  the  low-temperature  data  were 
of  much  better  quality.  The  structure  consists  of  well-separated 
H2N3+  and  SbF<f  ions  (see  Figure  1).  The  SbF<f  anion  is  a  nearly 
perfect  octahedron  with  angles  ranging  from  89.15  (9)  to  90.5 
(1)°  and  identical  Sb-F  bond  lengths  of  1.885  (3)  A.  The  H2N3+ 
cation  is  asymmetric,  with  both  hydrogens  attached  to  the  same 
nitrogen.  Furthermore,  the  two  N-N  bond  distances  are  very 
different,  the  N-N-N  group  is  slightly  distorted  from  linearity 
(N(l)-N(2)-N(3)  =  175.3°),  and  the  NH2  group  is  pyramidal. 
These  findings  demonstrate  that  the  structure  of  H2N3+  is  best 
described  by  I,  with  little  contribution  from  resonance  structure 


H\ 

h/ 


N=N=f£ 


II 


II.  The  fact  that  the  repulsion  from  the  free  valence  electron  pah- 
on  N(l)  is  larger  than  those  from  the  two  hydrogen  ligands  can 
account  for  N(2)  being  slightly  bent  away  from  this  free  pah.  The 
observed  N— N  bond  lengths  are  in  good  agreement  with  our 
expectations  for  an  N — N  single  and  an  N— N  triple  bond,  and 
their  differences  are  more  pronounced  than  those  found  for  other 
covalent  azides  such  as  CF3N3  (N(l)-N(2)  =  1.252  (5)  A,  N- 
(2)-N(3)  =  1.118  (3)  A)'5  or  FN3  (N(l)-N(2)  =  1.253  (10)  A, 
N(2)-N(3)  =  1.132  (10)  A).16  The  observed  N-H  bond  length 
of  0.76  (7)  A  is  unrealistically  short  due  to  the  fact  that  hydrogen 
does  not  possess  any  core  electrons,  and  therefore,  the  X-rays  are 
being  diffracted  by  the  binding  electrons.  This  results  in  an 
artificially  short  N-H  bond  length,  which  is  no  surprise  in  view 
of  the  well-known  difficulties  of  obtaining  reliable  hydrogen  bond 
lengths  by  X-ray  diffraction.  On  the  basis  of  the  ab  initio  cal¬ 
culation  (see  below),  a  realistic  N-H  bond  distance  in  H2N3+  is 
about  1.01  A.  The  H-N-H  and  H-N-N  bond  angles,  on  the 
other  hand,  should  not  be  affected,  as  the  binding  electrons  are 
located  along  the  N-H  bond  axes,  and,  therefore,  are  considered 
more  reliable. 

A  packing  diagram  of  H2N3+SbFj'  is  shown  in  Figure  2.  The 
anion  and  the  cation  are  located  on  crystallographic  mirror  planes. 
The  anionic  mirror  plane  passes  through  the  atoms  F(3)-Sb-F(4) 
whereas  the  cationic  mirror  plane  passes  through  all  three  nitrogen 
atoms  and  bisects  the  H-N-H  angle.  The  cations  are  stacked 
parallel  to  each  other  down  the  crystallographic  b  axis  (see  Figure 
2)  but  are  oriented  perpendicular  to  each  other  in  the  b-c  plane, 
causing  a  doubling  of  the  repeat  distance  along  the  c  axis.  The 
nearest  anion-cation  interactions  are  N(l)—F(l)  at  2.765  A  and 
H(l)-F(l)  at  2.127  A,  which  are  significantly  shorter  than  the 


(14)  Christe,  K.  O.;  Schack,  C.  J.;  Wilson,  R.  D.  lnorg.  Chem.  1975, 14, 
2224. 

(15)  Christe,  K.  O.;  Christen.  D.;  Oberhammer,  H.;  Schack,  C.  J.  lnorg. 
Chem.  19*4,  23,  4283. 

(16)  Christen,  D.;  Mack,  H.  G.;  Schane,  G.;  Willner,  H.  J.  Am.  Chem. 
Soc.  1988,  110,  707. 
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Table  [V.  Calculated  and  Observed  Geometries  of  Isoelectronic  H2N3+  and  H2NCN 
—  ~  [H2N — N=N]+ 


expt' 

LDF 

3-21G6 

expri 

Bond  Distances,  A 

r„  r2  (N-H) 

e 

1.043 

1.008 

1.001 

rs  (N-X) 

1.295  (5) 

1.276 

1.305 

1.346 

r,  (X=N) 

1.101  (6) 

1.126 

1.088 

1.160 

H2N — C^N 

LDF  6-3  lG*'  STO-3G,i 


1.031  0.998  1.031 

1.341  1.344  1.399 

1.172  1.138  1.158 


a(H— N— H)  118(8) 

<3„  ft  (H— N-X)  107  (6) 

£(«  +  ft  +  ft)*  332  (20) 

N-X=N  175.3  (5) 


Bond  Angles,  deg 

117.9 

/ 

113.5 

114.5 

/ 

115.6 

346.9 

36(/ 

344.7 

175.2 

/ 

[180]' 

110.5 

113.2 

108.8 

113.6 

114.5 

110.4 

337.7 

342.2 

329.6 

176.1 

178.2 

176.7 

'Data  from  crystal  structure  of  H2NJ+SbF6*  at  20  K.  ‘Data  from  ref  6.  '  Data  from  refs  24  and  30.  *  Data ,  from  ref  22-  'The  value  of  0.76  (7) 
from  Table  III  is  much  too  short  because  of  the  shortcomings  of  X-ray  diffraction  methods  for  the  determination  of  exact  hydrogen  bond  distances 
and  should  not  be  used.  -'No  angles  were  given  in  ref  6;  however,  from  the  stated  planarity  and  Cu  symmetry  of  H2N3  £(“  +  ft  +  ft) 

360°.  'This  sum  of  the  angles  is  a  measure  for  the  planarity  of  the  NH2  group,  with  360°  being  planar  and  328.5°  being  an  ideal  trigonal  pyramid. 

‘Assumed  value. 


TaMe  V.  Calculated  and  Observed  Vibrational  Frequencies  (cm*1)  of  Isoelectronic  H2N3+  and  H2NCN 
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comnenu  nude  in  the  discussion  of  the  results  of  ihe  normal  coordinate  analysis.  _ 


sums  of  their  Pauling  van  der  Waals  radii.17  Although  these  short 
distances  suggest  appreciable  hydrogen-fluorine  bridging,  they 
do  not  result  in  a  significant  distortion  of  the  SbF^'  octahedron 
(see  above). 

The  above  crystal  structure  demonstrates  that  H2N3+  has  indeed 
the  asymmetric  aminodiazonium  structure.  This  is  not  surprising 
in  view  of  a  previous  ab  initio  calculation  which  indicated  that 
the  aminodiazonium  structure  is  49.8  kcal  mol'1  more  favorable 
than  the  symmetric  diazenium  structure.6  It  must  be  pointed  out, 
however,  that,  in  spite  of  the  good  agreement  between  the  pre¬ 
dicted6  and  our  observed  N— N  bond  lengths  (1.305  and  1.088  A 
versus  1.295  (5)  and  1.101  (6)  A),  the  previous  calculation6 
predicted  a  planar  NH2  group  whereas  the  crystal  structure  and 
our  LDF  calculations  (see  below)  show  that  the  NH2  group  in 
H2N3+  is  pyramidal.  This  was  due  to  the  lack  of  polarization 
functions  on  the  nitrogens  at  the  3-21G  level. 

Computational  Results.  To  support  our  analysis  of  the  vibra¬ 
tional  spectra  of  the  H2N3+  cation,  the  structure,  vibrational 
frequencies,  and  force  field  of  the  free  H2N3+  cation  in  the  gas 
pha<a».  were  calculated  using  local  density  functional  (LDF)  theory. 
To  test  the  quality  of  these  computations,  the  electronic  structure 
of  the  known,1*"32  isoelectronic  cyanamide  molecule,  H2NCN,  was 


(17)  Pauling,  L.  The  Nature  of  the  Chemical  Bond,  3rd  ed.;  Cornell 
University  Press:  Ithaca,  NY,  I960;  p  260. 


Table  VI.  Symmetry  Force  Constants  (mdyn/A)  of  H2N3+  and 
H2NCN  Calculated  by  the  LDF  Method  _ 
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4 
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3 
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4 
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also  calculated  The  results  are  summarized  in  Tables  IV-V1  and 
demonstrate  that,  for  this  type  of  molecule,  LDF  theory  duplicates 


(18)  Brown,  R.  D.;  Godfrey,  P.  D.;  Head-Gordon,  M.;  Wiedenmann,  K. 
H.;  Kleibomer,  B.  J.  Mol.  Spectrosc.  1988,  130.  213. 

(19)  Hunt,  R.  D.;  Andrews,  L.  J.  Phys.  Chem.  1987,  91,  2751. 

(20)  Read,  W.  G.;  Cohen,  E.  A.;  Picket,  H.  M.  J.  Mol.  Spectrosc.  1986, 
US.  316. 
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Frequency,  cm-1 

Figure  4.  Vibrational  spectra  of  solid  H2N3+AsF6':  trace  A,  infrared 
spectrum  of  a  sample  pressed  between  AgBr  windows;  traces  B  and  C, 
Raman  spectra  recorded  at  25  and  -135  °C,  respectively. 

the  experimental  frequency  values  better  than  calculations  at  either 
the  4-31G*24  or  6-31G*22  level.  In  agreement  with  previous 
calculations  at  the  4-3 1G24  or  higher  levels22  for  H2NCN,  the 
lowest  energy  structure  found  for  H2N3+  by  using  LDF  theory 
is  nonplanar  (C,  symmetry)  with  a  pyramidal  amino  group.  The 
planar  structure  previously  calculated  for  H2N3+  at  the  3-21G 
level6  is  due  to  the  lower  level  of  theory  used  and,  for  isoelectronic 
H2NCN,  represents  a  saddle  point  on  the  potential  energy  sur¬ 
face.22  It  should  also  be  pointed  out  that  LDF  theory  predicts 
the  H2N-N  group  in  H2N3+  to  be  considerably  flatter  than  the 
H2N-C  group  in  H2NCN.  This  should  result  in  a  lower  inversion 
barrier  for  the  NH2  group  in  H2N3+,  which  is  also  apparent  from 
the  lowering  of  the  frequency  of  the  NH2  wagging  mode,  i'e(A'), 
which,  on  the  basis  of  its  symmetry  coordinate  and  potential  energy 
distribution,  represents  the  inversion  motion  (see  below). 

Vibrational  Spectra.  Infrared  and  Raman  spectra  were  recorded 
for  HjNj+SbFs-,  H2N3+AsF<f,  and  H2N3+BF4'  (see  Figures  3-5). 
Table  VII  shows  the  observed  frequencies  and  their  assignments. 


(21)  Birk,  M.;  Winnewisser,  M.  Chem.  Phys.  Lett.  1986,  123,  382. 

(22)  Saebo.  S.;  Famell,  L.;  Riggs,  N.  V.;  Radom.  L.  J.  Am.  Chem.  Soc. 
1984,  106.  5047. 

(23)  Khaikin,  L.  S.;  Mochalov,  V.  I.;  Grikina,  O.  E^  Pentin,  Yu.  A.  Vestn. 
Mask.  Unio.,  Ser.  2:  Khim.  1983,  24,  536. 

(24)  Ichikawa,  K.;  Hamada,  Y.;  Sugawara,  Y-;  Tsuboi,  M.;  Kato,  S.; 
Morokuma,  K.  Chem.  Phys.  1982,  72,  301. 

(25)  Daoudi,  A;  Pouchan,  C.;  Sauvaitre,  H.  J.  Mol.  Struct.  1982, 89, 103. 

(26)  King,  S.  T.;  Strope,  J.  H.  J.  Chem.  Phys.  1971,  54,  1289. 

(27)  Jones,  T.  R.;  Sheppard,  N.  J.  Chem.  Soc.  D  1979,  715. 

(28)  Fletcher,  W.  H.;  Brown,  F.  B.  J.  Chem.  Phys.  1963,  39.  2478. 

(29)  Wagner,  G.  D.;  Wagner,  E.  L.  J.  Chem.  Pkys.  1960, 34, 1480. 

(30)  Tyler.  J.  K.;  Sheridan,  J.;  Costain,  C.  C.  J.  Mol.  Spectrosc.  1972, 43. 
248. 

(31 )  Johnson,  D.  R.;  Suenram,  R.  D.;  Lafferty,  W.  J.  Astrophys.  J.  1976, 
208,  245. 

(32)  Dung,  J.  R.;  Walker,  M.;  Baglin,  F.  G.  J.  Chem.  Pkys.  1968,  48, 
4675. 


Figure  5.  Vibrational  spectra  of  solid  H2N3+BF4':  trace  A  infrared 
spectrum  of  a  sample  pressed  between  AgBr  windows;  trace  B,  Raman 
spectra  recorded  at  -130  CC. 


Approximate  mode  descriptions,  symmetry  coordinates,  and  po¬ 
tential  energy  distributions  for  H2N3+  and  isoelectronic  H2NCN 
are  included  in  Table  V.  The  LDF  force  fields  for  H2N3+  and 
H2NCN  were  analyzed  in  terms  of  internal  coordinates  and  are 
given  in  Table  VI. 

Although  cyanamide,  HjNCN,  is  a  simple  molecule  of  great 
industrial  importance  and  its  structure  is  well-known  from  mi¬ 
crowave  spectroscopy,20-30-3 1  its  vibrational  analysis  is  still  in¬ 
complete.  This  is  partially  due  to  experimental  difficulties,  i.e. 
its  low  vapor  pressure  and  tendency  to  polymerize,  and  to  com¬ 
plications  caused  by  its  low  inversion  barrier  at  the  nitrogen  atom. 

The  H2NCN  molecule  and  the  isoelectronic  H2N3+  cation 
possess  symmetry  C„  and  their  nine  fundamental  vibrations  are 
classified  as  T  =  6A'  +  3A"  (see  Table  V).  Of  the  nine  funda¬ 
mental  vibrations  of  H?NCN,  the  antisymmetric  NH2  deforma¬ 
tion,  vj(A"),  has  not  been  experimentally  observed,  the  two  NCN 
bending  modes,  v5(A')  and  v9(A"),  have  been  observed  only  in 
the  liquid  phase28  or  solution,24  and  the  NH2  wagging  mode,  r6(A0, 
is  complicated  by  inversion  splittings.2'  Nevertheless,  H2NCN 
served  as  a  good  case  for  testing  the  accuracy  of  the  LDF  cal¬ 
culations.  As  can  be  seen  from  Table  V,  our  LDF  results  for 
HjNCN  are  in  good  agreement  with  the  experimental  frequencies. 
Consequently,  the  LDF  values  for  H2N3+  should  be  equally  good 
and  were  used  as  a  guide  for  the  following  assignments  for  H2N3+. 

The  assignment  of  the  two  NH2  stretching  modes,  »i(A0  and 
vjfA"),  the  N=N  stretching  mode,  ^(AO,  and  the  NH2  scissoring 
mode,  v3(A0,  to  the  bands  at  about  3170, 3280, 2318,  and  1547 
cm”1,  respectively,  is  unambiguous.  In  the  1 100-1300-cnT*  region, 
two  bands  are  observed  at  about  1129  and  1259  cm"1,  respectively, 
which,  on  the  basis  of  the  LDF  predictions,  should  represent  the 
N-N  stretching  mode,  v4(A'),  and  the  antisymmetric  NH2  de¬ 
formation,  vg(A"),  respectively.  This  choice  of  assignments  is  also 
supported  by  the  observations  that  the  1259-cm' 1  mode  is  more 
intense  in  the  infrared  and  less  intense  in  the  Raman  spectra  and 
that,  in  the  room-temperature  Raman  spectrum  of  H2N3+SbF6‘, 
it  is  broadened  so  much  that  it  is  no  longer  observable.  A  similar 
broadening  of  the  Raman  bands  at  ambient  temperature  has  also 
been  observed  for  the  remaining  NH2-group  modes  in  the 
H2N3+SbF6"  spectrum.  This  positive  identification  of  the  anti¬ 
symmetric  NH2  deformation  vibration  for  H2N3+  suggests  that, 
in  H2NCN,  this  mode  should  occur  in  a  similar  frequency  range 
and  might  either  by  assigned  to  the  broad  band  at  about  1150 
cm'1  in  the  infrared  spectrum  of  liquid  H2NCN,27  or,  in  the  gas 
phase,  coincide  with  the  N-C  stretching  mode  at  1055  cm'1. 

The  remaining  three,  yet  unassigned,  fundamental  vibrations 
are  the  NH2  wagging  mode,  ^(AO,  and  the  two  N3  skeletal 
deformation  modes,  ^(AO  and  v9(A").  On  the  basis  of  the  LDF 
calculations,  these  three  modes  are  expected  to  occur  in  the 
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Table  VII.  Vibrational  Spectra  for  Solid  H2N3'fSbF<,',  H2N}+AsF6-,  and  H2N3+BF4~  and  Their  Assignments 


obsd  freq,  cm'1  (rel  intern) 

H,N/SbF6 

H2N3+AsF6 

h,n3+bf4- 

IR 

Raman 

IR 

Raman 

IR 

Raman 

assignt  (point  group) 

25  °C 

25  °C 

-144  °C 

25  °C 

25  °C 

-135  °C 

25  °C 

-130  °C 

H2N3+  (Q 

xf6-  (OJ 

bf4-  (T„) 

3260  vs 

3260  (0+) 

3280  vs 

3280  (0+) 

3160  vs 

v,(A") 

3170  vs 

3170(0+) 

3170  (0.5) 

3170  vs 

3168  (0.9) 

3020  vs 

3110(0.2) 

-.(AO 

3063  m 

3070  m 

2*3(A') 

2798  m 

2805  m 

2850  sh 

(-3  +  -8)(A") 

2319  s 

2319  (0.7) 

2316  (2) 

2318  s 

2315  (0.3) 

2315  (0.7) 

2304s 

2319  (0.7) 

*-t(A') 

1958  vw 

1960  vw 

1995  vw 

(y3  +  „)(A") 

1547  vs 

1549  (0.8) 

1549  (0.6) 

1547  vs 

1546  (0.4) 

1534  (1.6) 

1555  vs 

1580  (1.5) 

v3(A0 

1310  vw 

1400  vw 

(»|  +  v3)(F,„) 

1260  m 
1220  vw 

1261  (0.4) 

1262  (0.4) 

1259  m 

1259  (0.4) 

1297  m 

1288  (1) 

r*(A") 

(»2  +  »3)(Fiu  +  F2„) 

(vi  +  v4)(F2) 

1 124  mw 

1125  (0.5) 

1120(0.5) 

1129  mw 

1148  (0.5) 

1145  (0.7) 

1030  vs 

1163  (0.5) 
1023  (0.2) 

»<(A') 

*’3(F2) 

1025  vw 

673  (2)  I 
662  (1)  ) 

770  mw 

771  (4.8) 

(*5  +  »t)(A') 

<’i(A|) 

665  vs 

669  (3) 

705  vs 

V3(F,») 

648  (10) 

648  (10) 

688  (10) 

688(10) 

<'i(A„) 

570  (2.3) 

572  (2.4)) 

585  sh  1 

595  (0.5)  j 

> 

-a(E,) 

564  m 

564(1)  J 

568  m 

569  (1.6)/ 

568  (2)  1 

530  sh 

538  m 

530  mw 

536  (0.5) 
525  (0.5) 

-'s(A') 

-4(F2) 

489  mw 

-t(A') 

408  vw 

410  (0.8) 

410  (1.0) 

420  sh 

418  (0.3) 

420  m 

*,(A") 

277  s 

332  (0.8) 

390  s 

F-H  bridge 

^(FJ 

283  (6.2) 

292  (2)  , 

281  (5.8) 
259  (0.5) 

i 

369  (4) 

377  (1.9)1 
370(1.7)1 

> 

1 

F— H  bridge 

'5(F*) 

269(1.5)1 
250  (0.5)  J 

351  w 

l 

358  (1.9) 

^(Ffc) 

*2(E) 

150  sh 

153(8)  ) 

196  (0.2)  > 

1 

221  (0.5)  > 

1 

110  (10) 

122  (8.5)  f 

137(4)  1 

\ 

200(2)  1 

lattice  vibrations 

113(2)  > 

110  (3.5), 

1 

163  (10)  | 

59(2)  \ 

135(8)  J 

1 

49(8)  ; 

400-500-cm"1  frequency  range,  which  is  complicated  by  bands 
due  to  the  anions.  Futhermore,  the  A"  skeletal  bending  mode, 
i/9,  is  expected  to  be  of  very  low  infrared  intensity,23  and  the  NH2 
wagging  mode,  ^(AQ,  should  not  exhibit  any  inversion  splittings 
since  in  the  crystallinic  salts  the  hydrogens  are  locked  into  fixed 
positions  by  fluorine  bridges  (see  X-ray  crystal  structure  section). 

Inspection  of  the  low-temperature  Raman  spectra  of  H2N3+- 
SbF<f  and  H2N3+AsF6*  reveals  a  reasonably  intense  band  at 
410-420  cm’1,  which  has  a  very  weak  counterpart  in  the  infrared 
spectra  and  is  only  slightly  broadened  at  room  temperature. 
Hence,  this  vibration  should  belong  to  one  of  two  skeletal  bending 
modes  of  H2N3+.  Since,  in  the  Raman  spectra  of  liquid24-28  or 
dissolved24  H2NCN,  the  out-of-plane  NON  deformation  mode 
has  by  far  the  highest  intensity  of  the  three  modes  in  question 
and  the  410-420-cm'1  frequency  value  is  very  close  to  that  of  429 
cm-1  calculated  by  us  for  the  out-of-plane  N3  deformation  mode 
of  H2N3+,  this  410-420-cm'1  band  can  be  assigned  with  confidence 
to  the  »9(A")  mode  of  H2N3+. 

The  two  remaining  A'  modes,  vs  and  v6,  are  more  difficult  to 
assign.  In  view  of  their  similar  predicted  frequencies  (530  and 
489  cm*1)  and  related  motions,  we  expect  their  symmetry  coor¬ 
dinates  to  be  strongly  mixed  (see  PED  of  Table  V),  i.e.  to  be 
symmetric  and  antisymmetric  combinations  of  Ss  and  5«.  Both 
modes  are  expected  to  be  of  low  Raman32  but  significant  infrared 
intensity24  and,  therefore,  should  be  detectable  in  the  infrared 
spectra.  The  infrared  spectrum  of  H2N3+SbF6~  shows  a  shoulder 
at  530  cm'1  and  a  medium  weak  band  at  489  cm'1,  and  that  of 
H2N3+AsF6~  shows  a  medium  band  at  538  cm'1.  In  H2N3+BF4', 
the  530-cm'1  region  is  obscured  by  the  antisymmetric  BF4"  de¬ 
formation,  *>4(F2).  Consequently,  the  vs  and  vb  modes  of  H2N3+ 
are  tentatively  assigned  to  the  bands  at  about  530  and  489  cm'1, 
respectively. 


The  above  assignments  can  account  for  all  the  observed  features 
in  the  vibrational  spectra  of  the  H2N3+  salts,  except  for  a  medium 
weak  band  at  900  cm'1  and  a  shoulder  at  820  cm'1  in  the  infrared 
spectrum  of  H2N3+AsF6'.  These  two  features  are  of  variable 
intensity  and  show  no  counterparts  in  the  IR  spectrum  of 
H2N3+S)F6'.  Therefore,  they  are  judged  to  be  due  to  an  unknown 
impurity. 

In  the  low-temperature  Raman  spectra  of  H2N3+SbF6"  and 
H2N3+AsF(j',  the  anion  bands  become  much  more  complex  than 
those  in  the  room-temperature  spectra.  This  is  attributed  to  the 
freezing  out  of  ion  rotation,  which  for  the  anions  causes  splittings 
into  degenerate  components  and  violations  of  the  Ok  selection  rules, 
as  shown  by  the  observation  of  the  vb  mode  for  AsF6".  In  addition, 
the  low-temperature  Raman  spectrum  of  H2N3+SbF6~  shows  two 
bands  at  332  and  259  cm"1,  which  probably  are  not  due  to  the 
SbF6"  anion  but  represent  H— F  bridge  bonds.  This  temperature 
effect  on  the  vibrational  spectra  might  also  cause  a  significant 
broadening  of  the  NH2  wagging  band,  j <6,  at  room  temperature 
and,  thereby,  contribute  to  the  difficulty  of  observing  this  mode 
in  our  infrared  spectra. 

In  summary,  the  nine  fundamental  vibrations  of  H2N3+  have 
been  observed  with  frequencies  which  are  in  very  good  agreement 
with  our  LDF  calculations.  This  confirms  the  asymmetric  non- 
planar  aminodiazonium  structure  of  H2N3+,  found  by  the  X-ray 
crystal  structure  determination.  The  previous  failure5  to  observe 
most  of  these  bands  for  H2N3+SbC4"  is  attributed  to  their  rela¬ 
tively  low  infrared  intensities  and  relative  broadness  at  room 
temperature. 

Normal-Coordinate  Analysis.  To  support  our  vibrational  as¬ 
signments  for  H2N3+,  normal-coordinate  analyses  were  carried 
out  for  H2N3+  and  isoelectronic  H2NCN  (see  Tables  V  and  VI) 
with  the  LDF  force  fields.  The  corresponding  frequencies  and 
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symmetry  coordinates  are  listed  in  Table  V.  Our  LDF  force  field 
for  H2NCN  is  in  good  general  agreement  with  that  previously 
published24  by  Ichikawa  et  al.  at  the  4-3 1G*  level  of  theory,  if 
it  is  kept  in  mind  that  the  frequencies  at  the  4-31G*  level  are  on 
average  about  10%  higher  than  the  experimental  ones.  The  po¬ 
tential  energy  distributions  are  given  in  Table  V  and  support  the 
given  mode  descriptions. 

A  special  comment  is  required  on  the  magnitudes  of  F<#  in  our 
force  fields,  which  are  given  in  Table  VI.  The  listed  values 
are  clearly  too  high  and  should  be  comparable  to  those  of  f5s- 
The  ^(AO  and  v,(A")  modes  represent  the  in-plane  and  out- 
of-plane  deformations  of  the  nearly  linear  NXN  groups,  which, 
therefore,  should  be  almost  degenerate  and  exhibit  similar  fre¬ 
quencies  and  force  constants.  Whereas  the  frequencies  of  v9  are 
comparable  to  those  of  v5,  the  values  in  Table  VI  are  about 
2-4  times  larger  than  those  of  Fis.  This  is  an  artifact  caused  by 
the  inability  to  exactly  describe  with  our  computer  input  code  the 
S$  symmetry  coordinate  of  the  out-of-plane  NXN  deformation 
for  these  molecules  when  they  possess  a  slightly  bent  NXN  group. 
Our  program  to  convert  the  Cartesian  second  derivatives  to 
symmetry-adapted  internal  coordinates  allows  for  only  four  kinds 
of  internal  motions:  bond  stretching,  angle  bending,  a  dihedral 
angle  between  two  planes,  and  the  minimum  angle  that  a  bond 


forms  with  a  plane.  Thus,  the  i»9(A")  mode  had  to  be  defined  as 
the  sum  of  the  angles  formed  between  the  X-N(2)  bond  and  the 
two  planes  defined  by  H(1)N(1)X  and  H(2)N(1)X.  By  making 
the  NXN  bonds  linear,  we  were  able  to  properly  describe  with 
this  code  and  obtain  values  for  F&  (H2N3+,  0.47  mdyn/A;  H2N- 
CN,  0.44  mdyn/A)  that  are  in  excellent  agreement  with  our 
expectations  (see  above)  and  those  previously  reported.24  The  PED 
(94S9  +  6St)  for  the  revised  F&  values  was  similar  to  those  given 
in  Table  V,  while  the  remainder  of  the  A"  force  field  remained 
practically  unchanged. 
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hepta  coordinated  fluorides  or  oxyfluorides  are  those  of  pentagonal  bipyramids  with  an  u«P>wkered^qua  P1* 

and  also  the  bond  length  differences. 


Introduction 

In  main  group  element  chemistry,  coordination  numbers  in 
excess  of  six  are  relatively  rare,  but  they  are  of  considerable 
interest  due  to  special  features  caused  by  steric  crowding  of  the 
ligands,  free  valence  electron  pairs  being  sterically  either  active 
or  inactive,  and  the  propensity  of  the  molecules  to  exhibit 
fluxionality.  Of  particular  interest  are  heptacoordinated  species 
which  could  exist  either  as  a  monocapped  octahedron,  a  mono- 
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capped  trigonal  prism,  or  a  pentagonal  bipyramid.5  According 
to  the  VSEPR  model  of  “repelling  points  on  a  sphere  ,  the 
preferred  structures  should  be  the  monocapped  octahedron  or 
trigonal  prism.  However,  for  main  group  elements  and  relatively 
low  repulsive  forces,  the  pentagonal  bipyramid  is  favored4  and 
has  been  found  for  species  such  as  IF718  or  TeF7  .  In 
pentagonal  bipyramidal  structures,  the  pentagonal  equatorial 
plane  is  highly  congested  which  results  in  increased  repulsion 
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among  the  equatorial  ligands  and,  as  a  result,  in  increased  bond 
lengths  and  usually  some  kind  of  puckering.5'8  In  the  case  of 
5-fold  symmetry,  this  puckering  presents  a  special  problem.  The 
odd  number  of  ligands  does  not  allow  for  a  highly  symmetric 
arrangement  in  which  all  five  equatorial  ligands  can  be  placed 
into  equivalent  positions,  i.e.  with  identical  displacements  alter¬ 
nately  above  and  below  the  equatorial  plane.  One  way  to  achieve 
equivalency  of  the  equatorial  ligands  is  a  fast,  dynamic,  pseu- 
dorotational  ring  puckering,  as  found  for  IF7,7-8  which  results  in 
a  highly  fluxional  molecule.  In  addition,  the  pentagonal  bipy- 
ramidal  XF7  molecules  generally  exhibit  a  second  kind  of 
fluxionality,  i.e.  a  slower,  intramolecular,  axial-equatorial  ligand 
exchange.8  The  combination  of  these  two  types  of  fluxionality 
makes  it  experimentally  very  difficult  to  characterize  and  describe 
the  structures  of  these  molecules.  Many  of  the  difficulties  with 
the  fluxionality  of  the  XF7  species  might  be  overcome  by  studying 
ionic  XOF6"-  salts.  The  presence  of  one  doubly  bonded  oxygen 
which  is  more  repulsive  than  the  fluorine  ligands  should  preempt 
a  facile  axial-equatorial  ligand  exchange,  and  the  dynamic 
puckering  of  the  equatorial  plane  could  be  frozen  out  by  anion- 
cation  interactions.  Therefore,  an  effort  was  undertaken  to 
prepare  and  characterize  a  salt  containing  an  XOF6-  anion. 
Examples  of  pentagonal  bipyramidal  XOF6  species  had  previously 
been  unknown  and  only  recently  been  reportal 101 1  in  two  separate 
preliminary  notes  from  our  laboratories.  In  this  paper,  a  full 
account  and  analysis  of  our  work  on  the  IOF6-  anion  is  given. 

Experimental  Section 


h  ')  on  a  Bruker  AM-500  spectrometer  equipped  with  an  11.744  T 
cryomagnet  and  an  Aspect  3000  computer.  The  spectra  were  obtained 
using  a  5-mm  combination  'H/I9F  probe  operating  at  470.599  MHz. 
The  spectra  were  recorded  in  a  32K  memory.  A  spectral  width  setting 
of  62  500  Hz  was  employed,  yielding  a  data  point  resolution  of  3.8  Hz/ 
data  point  and  an  acquisition  time  of  0.262  s.  No  relaxation  delays  were 
applied.  Typically,  40  000  transients  were  accumulated.  Thepulsewidth 
corresponding  to  a  bulk  magnetization  tip  angle,  0,  of  approximately  90° 
was  equal  to  1  /is.  Line  broadening  parameters  used  in  the  exponential 
multiplication  of  the  free  induction  decays  were  3-4  Hz. 

The  low-temperature  study  was  carried  out  by  the  use  of  a  Bruker 
temperature  controller.  The  temperature  was  measured  with  a  copper- 
constantan  thermocouple  inserted  directly  into  the  sample  region  of  the 
probe  and  was  accurate  to  ±1  °C. 

The  spectra  were  referenced  to  a  neat  external  sample  of  CFCIj.  The 
chemical  shift  convention  used  is  that  a  positive  (negative)  sign  signifies 
a  chemical  shift  to  high  (low)  frequency  of  the  reference  compound.17 

Computational  Methods.  The  electronic  structure  calculations  were 
done  at  the  ab  initio  molecular  orbital  level  using  either  local  density 
function  (LDF)  theory18'71  or  effective  core  potentials  (ECP).  The  LDF 
calculations  were  carried  out  with  the  program  system  DMol,27  as 
previously  described,8  with  a  double-numerical  basis  set  augmented  by 
d  polarization  functions.  This  can  be  considered  in  terms  of  size  as  a 
polarized  double-f  basis  set.  However,  because  exact  numerical  solutions 
are  employed  for  the  atom,  this  basis  set  is  of  significantly  higher  quality 
than  a  normal  molecular  orbital  polarized  double-f  basis  set.  The  fitting 
functions  have  an  angular  momentum  number  one  greater  than  that  of 
the  polarization  function,  resulting  in  a  value  of  /  =  3  for  the  fitting 
functions. 


Caution:  IOFj  is  a  strong  oxidizer,  and  its  combination  with  organic 
materials,  such  as  CHjCN  or  N(CH3)4+  salts,  could  be  potentially 
hazardous.  Although  no  difficulties  were  encountered  in  the  present 
study,  appropriate  safety  precautions  and  shielding  should  be  used, 
particularly  when  working  on  a  larger  scale  with  these  materials. 

Materials.  TheCH3CN  (Baker,  Bio-analyzed,  having  a  water  content 
of  40  ppm)  was  treated  with  P2Os  and  freshly  distilled  prior  to  use,  thereby 
reducing  its  water  content  to  <4  ppm.  Literature  methods  were  used  for 
the  syntheses  of  IOFj12-14  and  anhydrous  N(CH3)«+F-.15 

Synthesis  of  N(CH3)<+IOF*'.  The  salt  N(CH3)4+IOF6"  was  prepared 
by  condensing  gaseous  IOFj  (6.40  mmol)  from  the  calibrated  volume  of 
a  nickel  and  stainless  steel  vacuum  line  at  room  temperature  onto 
anhydrous  N(CH3)4+F'  (0.4473  g,  5.779  mmol)  in  8  mL  of  dry  CH3CN 
at  - 1 96  °C.  The  mixture  was  warmed  and  allowed  to  react,  with  freq  uent 
agitation,  at  -35  °C  for  30  min.  The  solvent  and  unreacted  IOFj  were 
pumped  off  at  -35  °C  leaving  behind  N(CH3)4+IOF6-  as  a  very  pale 
yellow  crystalline  solid  in  essentially  quantitative  yield  (1 .8298  g,  5.772 
mmol).  Anal.  Calcd  for  C4H|2F«IO:  C,  14.50;  H,  3.63;  F,  33.00;  I, 
38.35;  N,  4.23.  Found:  C,  14.62;  H,  3.66;  F,  32.4;  I,  38.51;  N,  4.33. 

Vibrational  Spectroscopy.  Raman  spectra  were  recorded  on  either  a 
Cary  Model  83  or  a  Spex  Model  1 403  spectrophotometer  using  the  488- 
nm  exciting  line  of  an  Ar  ion  or  the  647.1-nm  line  of  a  Kr  ion  laser, 
respectively.  Baked-out  Pyrex  melting  point  capillaries  or  thin-walled 
Kel-F  tubes  were  used  as  sample  containers.  A  previously  described16 
device  was  used  for  recording  the  low-temperature  spectra. 

Infrared  spectra  were  recorded  by  using  either  AgCl  or  AgBr  disks 
on  a  Perkin-Elmer  Model  283  spectrophotometer.  The  finely  powdered 
samples  were  sandwiched  between  two  thin  disks  and  pressed  together 
in  a  Wilks  minipress  inside  the  drybox. 

Nuclear  Magnetic  Resonance  Spectroscopy.  The  NF  NMR  spectra 
were  recorded  at  McMaster  University  unlocked  (field  drift  <0.1  Hz 

(8)  Christe,  K.  O.;  Curtis,  E.  C.;  Dixon,  D.  A.  J.  Am.  Chem.  Soc.  1993, 
115.  1520. 

(9) Selig,  H.;  Sarig,  S-;  Abramowitz,  S.  Inorg.  Chem.  1974,  13,  1508. 

(10)  Christe,  K.  O.:  Sanders,  J.  C.  P.;  Schrobilgen,  G.  J.;  Wilson,  W.  W. 
J.  Chem.  Soc.,  Chem.  Commun.  1991,  837. 

(11)  Mahjoub,  A.  R.;  Seppelt,  K.  J.  Chem.  Soc.,  Chem.  Commun.  1991, 
840. 

( 1 2)  Holloway,  J.  H.;  Selig,  H.;  Claassen,  H.  H.  J.  Chem.  Phys.  1971,  S4, 
4305. 

(13)  Schack,  C.  J.;  Pilipovich,  D.;  Cohz,  S.  N.;  Sheehan,  D.  F.  J.  Phys. 
Chem.  1968,  72,  4697. 

(14)  Schack,  C.  J.;  Christe,  K.  O.  J.  Fluorine  Chem.  1990,  49,  167. 

(15)  Christe.  K.  O.;  Wilson,  W.  W.;  Wilson.  R.  D.;  Bau,  R.;  Feng,  J.  J. 
Am.  Chem.  Soc.  1990,  112,  7619. 

(16)  Miller,  F.  A.;  Harney,  B.  M.  Appl.  Spectrosc.  1969,  23,  8. 


The  ECP  calculations  were  done  with  all  electrons  on  the  F  and  O  and 
with  an  effective  core  potential  replacing  all  of  the  core  electrons  on  the 
I.  The  valence  basis  set  is  of  polarized  double-f  quality.  The  fluorine 
and  oxygen  basis  set  is  from  Dunning  and  Hay,23  and  the  ECP  from  Hay 
and  Wadt24  including  relativistic  corrections.  The  valence  basis  set  of 
Hay  and  Wadt24  was  used  augmented  by  a  d  function  on  I  with  an  exponent 
of 0.266. 25  The  geometries  were  optimized  by  using  gradient  techniques,26 
and  the  force  fields  were  calculated  analytically.27-28  The  ab  initio  MO 
calculations  were  done  with  the  program  GRADSCF,29  as  implemented 
on  a  Cray  YMP  computer  system. 

Crystal  Structure  Determinations  of  N(CH3)4+IOF4\  Two  independent 
crystal  structure  determinations  were  carried  out  for  this  compound  at 
McMaster  University  and  the  Freie  Universitat  Berlin. 


(17)  Pure  Appl.  Chem.  1972,  29,  627;  1976,  45,  217. 

(18)  Parr,  R.  G.;  Yang,  W.  Density  Functional  Theory  of  Atoms  and 
Molecules,  Oxford  University  Press:  New  York,  1989. 

(19)  Salahub,  D.  R.  In  Ab  Initio  Methods  in  Quantum  Methods  in  Quantum 
Chemistry,  2nd  ed.;  Lawley,  K.  P.,  Ed.;  J.  Wiley  &  Sons:  New  York,  1987; 
p  447. 

(20)  (a)  Wimmer,  E.;  Freeman,  A.  J4  Fu,  C.-L.;  Cao,  P.-L;  Chou.  S.-H.; 
Delley,  B.  In  Supercomputer  Research  in  Chemistry  and  Chemical  Engi¬ 
neering;  Jensen,  K.  F„  Truhlar,  D.  G.,  Eds.;  ACS  Symp.  Ser.;  American 
Chemical  Society:  Washington,  DC,  1987;  p  49.  (b)  Dixon,  D.  A;  Andzelm, 
J.;  Fitzgerald,  G.;  Wimmer,  E;  Delley,  B.  In  Science  and  Engineering  on  Cray 
S upercomputers.  Proceedings  of  the  Fifth  International  Symposium ;  Cray 
Research:  Minneapolis,  MN,  1990;  p  285. 

(21)  Jones,  R.  O.;  Gunnarsson,  O.  Rev.  Mod.  Phys.  1989,  61,  689. 
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At  McMaster,  only  one  type  of  crystal  was  observed,  tetragonal  PA/ 
nmm  crystals  which  have  10F<f  with  a  positional  4-fold  disorder  for  the 
puckered  equatorial  plane.  The  structure  of  one  of  these  crystals  was 
determined  at  -93  °C  and  is  given  in  this  paper. 

At  Berlin,  originally  a  very  similar,  orthorhombic  crystal  was  studied 
at  -163  °C,  and  the  data  were  refined  either  in  PA /nmm  with  4-fold 
disorder  or  Pmmn  with  systematic  twinning;  however,  no  puckering  of 
the  equatorial  plane  was  observed  ."In  repeat  experiments,  exclusively 
crystals  identical  to  those  found  at  McMaster  were  obtained .  The  structure 
of  one  of  these  crystals  was  determined  at  -155  °C  and  is  given  in  this 
paper. 

Single  crystals  of  N(CH3).»+IOF*"  were  grown  at  McMaster  by  making 

a  saturated  solution  of  N(CH3)4+IOF6- in  CHjCN  in  a  Teflon-FEP  tube 

at  room  temperature  and  wanning  it  to  45  °C  whereupon  it  completely 
dissolved  to  give  a  pale  yellow  solution.  The  sample  tube  was  then 
positioned  horizontally  above  a  dewar  containing  water  at  60  °C.  covered 
with  aluminum  foil,  and  slowly  allowed  to  cool  overnight.  This  resulted 
in  the  growth  of  transparent  crystals  which  could  be  described  as  tetragonal 
prisms.  At  McMaster,  the  crystals  were  sealed  in  Lindemann  quartz 
capillaries  and  centered  on  a  Siemens  R3m/v  diffractometer.  Accurate 
cell  dimensions  were  determined  at  T  =  -93  °C  from  a  least-squares 
refinement  of  the  setting  angles  (x,  <t>.  and  26)  obtained  from  25  accurately 
centered  reflections  (with  34.71°  <2 6  <  38.05°)  chosen  from  a  variety 
of  points  in  reciprocal  space.  Examination  of  the  peak  profiles  revealed 
that  they  were  single.30  Integrated  diffraction  intensities  were  collected 
using  a  6-26  scan  technique  with  scan  rates  varying  from  1.5  to  14.65°/ 
min  (in  26)  and  a  scan  range  of  ±0.6°,  so  that  the  weaker  reflections  were 
examined  slowly  to  minimize  counting  errors.  Data  were  collected  in 
four  steps  since  the  crystal  was  diffracting  very  strongly.  In  the  first  step, 
the  data  were  collected  with  -15  £  h  £  15, 0  S  k  S  15,  and  0  <  1  £  11 
and  with  3°  £  2 6  i  45°,  using  silver  radiation  monochromatized  with 
a  graphite  crystal  (X  =  0.56087  A).  During  data  collection,  the  intensities 
of  three  standard  reflections  were  monitored  every  97  reflections  to  check 
for  crystal  stability  and  alignment.  A  total -of  1583  reflections  were 
collected  out  of  which  16  were  standard  reflections.  At  this  stage,  the 
distribution  of  the  reflections  in  the  reciprocal  space  indicated  that  the 
crystal  was  diffracting  at  relatively  high  angles,  consequently  a  second 
data  set  was  recorded  with  45°  <  26  <  55°.  This  time  a  total  of  1 163 
reflections  were  collected  out  of  which  1 2  were  standard  reflections.  Finally, 
a  third  data  set  was  recorded  with  55°  <  26  <  60°  giving  rise  to  712 
reflections  out  of  which  8  were  standard  reflections.  These  data  sets 
were  recorded  with  the  maximum  intensity  (i.e.  1.5  kW  Ag  X-rays), 
without  attenuation,  and  as  a  consequence,  the  strongest  reflections  at 
very  low  angles  were  not  recorded.  In  order  to  record  these  missing 
reflections,  the  power  had  to  be  decreased  to  750  W .  Another  set  of  data 
was  collected  with  -3  <  h  <  3, 0  <  k  <  3.  and  0  <  1  <  2.  A  total  of  3 1 
reflections  were  collected,  out  of  which  6  were  standard  reflections.  No 
crystal  decay  was  observed.  In  total,  3 1 36  reflections  were  collected  and 
876  unique  reflections  remained  after  averaging  of  equivalent  reflections. 
A  total  of  780  reflections,  satisfying  the  condition  I  >  3<r(/),  were  used 
for  the  structure  solution.  These  reflections  exhibited  systematic  absences 
for  hkO:  h  +  k  =  2n  and  h 00.  h  =  2n.  Corrections  were  made  for 
Lorentz  and  polarization  effects.  Absorption  corrections  were  applied 
by  using  the  program  DIFABS.31  The  transmission  factors  ranged  from 
0.728  to  1.117. 

The  XPREP  program32  was  used  to  determine  the  correct  cell  and 
space  group.  It  confirmed  that  the  original  cell  was  correct  and  that  the 
lattice  was  tetragonal  primitive  (Rim  =  0.028).  The  structure  was  shown 
to  be  centrosymmetric  by  an  examination  of  the  £-statistics  (calculated, 
0.616;  theoretical,  0.736).  The  two  space  groups  which  were  consistent 
with  the  systematic  absences  (n-glide  and  C2)  were  the  centrosymmetric 
PA/n  and  PA/ nmm  space  groups. 

A  first  solution  was  obtained  without  absorption  corrections;  it  was 
achieved  in  the  space  group  PA/nmm  (129)  by  conventional  heavy-atom 
Patterson  methods  which  located  the  positions  of  the  iodine,  nitrogen, 
and  carbon  atoms  on  special  positions  (i.e.  4 mm,  -4m2,  .m.).  The  full- 
matrix  least-squares  refinement  of  their  positions  and  isotropic  thermal 
parameters  gave  a  conventional  agreement  index  R  =  (T]F o|-lF<|/L|Fol) 
of  0.12.  A  subsequent  difference  Fourier  synthesis  revealed  the  positions 


(30)  Despite  the  fact  that  all  the  peaks  proved  to  be  single,  the  possibility 
of  twinning  was  checked  by  verifying  that  the  hkl  values  associated  with  the 
very  weak  and  very  strong  reflections  at  low  sin  6/X  refined  using  the  same 
orientation  matrix. 

(31)  Walker,  N.;  Stuart,  D.  Acta  Crystallogr.  1983.  A39.  158. 

(32)  Sheldrick,  G.  M.  (1990):  SHELXTL  PLUS™  Release  4.21/V. 
Siemens  Analytical  X-Ray  Instruments,  Inc..  Madison,  Wisconsin. 


T(°C) 
space  group 

a  (A) 
c(  A) 

P(A3) 

molecules/unit  cell 
molecular  weight 
cryst  dimens  (mm) 
ealed  density  (g  cm'3) 
color 

cryst  decay  (%) 
abscoeff  (mm'1) 
wavelength  (A)  used  for 
data  collection 
sin  6/X  limit  (A'1) 
total  no.  of  refictns  measd 
no.  of  independent  refictns 
no.  of  refictns  used  in 
structural  analysis, 

/>  3o(/) 

no.  of  variable  parameters 
final  agreement  factors 
R 
R„ 


PA/nmm 

(tetragonal) 

8.8590(10) 

8.8151(10) 

6.3690(10) 

6.3213(12) 

499.85(11) 

491.20(10) 

2 

331.0 

0.4  X  0.5  X  0.2 

0.4  X  0.4  X 

2.199 

2.238 

very  faintly  yellow 

no 

no 

3.259 

3.326 

0.56086 

0.71069 

0.8915 

0.9045 

3136 

3489 

876 

887 

780 

885 

28 

34 

0.0373 

0.0291 

0.0350 

0.0255 

Table  I.  Summary  of  Crystal  Data  and  Refinement  Results  for 

N(CH3)^10F6~  at  -93  and  -155  °C _ _ _ 

-93  -155 


of  two  atoms  located  on  special  positions,  above  and  below  the  iodine.  It 
was  possible  to  distinguish  a  fluorine  from  an  oxygen  atom  from  the 
difference  in  bond  lengths  (i.e.,  1.83  and  1.74  A).  The  introduction  of 
these  positions  gave  a  residual  factor  R  of  0.10.  A  further  difference 
Fourier  synthesis  clearly  showed  the  presence  of  three  atoms  in  the 
equatorial  environment  of  the  iodine.  Two  of  these  atoms  were  positioned 
on  general  positions,  while  the  third  one  was  positioned  on  a  special  position 
(..m).  Consequently,  the  model  implied  a  4-fold  disorder  in  the  ‘pseudo"- 
equatorial  plane  consisting  of  a  superposition  of  four  molecules  with 
identical  1,  axial  F,  and  O  positions.  Consequently,  the  site  occupancy 
factors  of  the  equatorial  fluorine  atoms  were  set  equal  to  0.25  and  0. 1 25 
(general  and  special  positions,  respectively)  instead  of  1 .00  and  0.5.  The 
introduction  of  these  positions  and  isotropic  thermal  parameters  for  the 
equatorial  F  atoms  (all  set  equal)  resulted  in  a  drop  of  the  residual  factor 
R  to  0.057.  Another  improvement  of  the  structure  was  achieved  by 
introducing  anisotropic  thermal  parameters  for  the  I,  N,  C,  Fa„  and  O 
atoms  (the  F*,  were  kept  isotropic  because  of  the  presence  of  the  4-fold 
disorder),  and  the  positions  of  the  hydrogen  atoms  located  from  a  difference 
Fourier  map  (l/(H)  fixed  to  0.08  A2),  as  well  as  a  weighting  factor  (w 
=  l/e^F)  -  0.0003F2),  dropping  the  R  factor  to  0.044  (R„  =  0.041). 

The  structure  was  solved  a  second  time  using  data  that  had  been 
corrected  for  absorption.  The  initial  model  used  the  atomic  coordinates 
and  isotropic  thermal  parameters  defined  previously  for  all  the  atoms. 
The  solution  obtained  (R  =  0.043)  indicated  a  slight  improvement  over 
that  obtained  without  absorption  corrections  (R  =  0.057).  The  final 
refinement  was  obtained  by  introducing  anisotropic  thermal  parameters 
for  the  I,  F„,  O,  N,  and  C  atoms  and  a  weighting  factor  (w  =  \/e2(F) 
+  0.0000 F2)  and  gave  rise  to  a  residual  R  of0.0373  (R.  =  0.0350).  In 
the  final  difference  Fourier  map,  the  maximum  and  the  minimum  electron 
densities  were  1.5  and  -1.6  A3. 

All  calculations  were  performed  using  the  SHELXTL  PLUS 
determination  package  for  structure  determination  molecular  graphics. 

At  Berlin,  the  crystal  was  mounted,  with  the  help  of  a  special 
apparatus,33  on  an  Enraf  Nonius  CAD  4  diffractometer  at  -155  °C. 
Oscillating  crystal  photographs  were  used  to  check  the  reflection  quality. 
There  were  25  reflections  in  the  6  range  1 2-25°  that  were  used  to  obtain 
the  orientation  matrix  and  lattice  constants.  Space  group  determination: 
The  lattice  constants  indicated  no  deviation  from  tetragonal  symmetry. 
Reflection  intensities  obeyed  the  rules  F(hkl)  =  F(hkl)  =  F(khl)  with 
R,„,  =  0.0204.  Extinction  of  hkO  *  In  left  only  space  group  PA/nmm 
(No.  129),  which  enforces  the  4-fold  disorder  model.  Calculations  in 
orthorhombic  space  groups  Pmmn  (No.  59)  or  P2i  mn  (No.  3 1 )  generated 
the  same  disorder  of  the  equatorial  fluorine  atoms.  Three  reflections 
were  used  to  check  for  crystal  decay  and  standard  reflections  orientation. 
Further  details  of  the  measurement  routine  are  given  in  Tables  I  and  SI 
(supplementary  material).  After  applying  Lorentz  and  polarization 

(33)  Keith,  M.;Barnighausen,H.  \.Kristallogr.l9%S,170,i.  Schumann, 
H.;Genthe.  W.;  Hahn,  F.;  Hossein,  M.  B.;d.  Helin.  D.  V.  Organomet.  Chem. 
1986,  229,  67. 


The  lOF6~  Anion 


J.  Am.  Chem.  Soc.,  Vol.  115.  No.  7.  1993  2699 


Table  II.  Bond  Lengths,  Bond  Angles,  Average  Equatorial  Plane 
Angle,  and  Deviations  from  the  Average  0-I-F„,  Bond  Angle  for 
N(CH3)„+IOF6  at  -93  and  -155  °C 


deviations  (deg)  from  the 
bond  lengths  (A)  mean  O-I-F^  bond  angle 


-93  °C 

-155  °C 

-93  °C 

-155  °C 

1-0 

I-F(l) 

I-F(2) 

1.772(8) 

1.822(6) 

1.899(9) 

1.745(4) 

1.823(3) 

1.894(5) 

-0.8(2) 

-0.4(1) 

I-F(3) 

1.852(10) 

1.868(7) 

5.2(2) 

3.7(2) 

I-F(4) 

1.880(14) 

1.868(9) 

-8.7(4) 

-6.6(3) 

N-C 

1.483(4) 

1.491(3) 

bond  angles  (deg) 


-93  °C  -155  °C 


0-I-F(2) 

94.3(2) 

95.9(1) 

O— I— F(3) 

88.3(2) 

91.8(2) 

0-I-F(4) 

102.4(4) 

102.1(3) 

F(1H-F(2) 

85.7(2) 

84.1(1) 

F(  1 )— I— F(3) 

91.7(2) 

88.2(2) 

F(  1 )— I— F(4) 

77.8(4) 

77.9(3) 

F(3)-I-F(2e) 

68.7(4) 

69.9(3) 

F(4)— I— F(3) 

78.6(3) 

76.1(2) 

F(2c)-I-F(2e) 

66.8(5) 

67.5(3) 

mean  O-I-F^, 

93.5(3) 

95.5(2) 

mean  pucker  angle* 

4.14(30) 

2.96(20) 

“  Mean  deviation  of  the  equatorial  fluorine  ligands  from  the  mean 
O-I-Fc,  angle. 


corrections,  thedata  were  used  for  refinement  of  the  previously  published1 1 
model  with  the  program  SHELXS  76. 34  Atomic  form  factors  were  taken 
from  the  Kynoch  tables.35  The  atoms  I,  O,  F(  1 ).  N,  and  C  were  refined 
anisotropically  and  F(2)-F(4)  isotropically  which  resulted  in  R  =  0.045. 
Absorption  correction  was  introduced  at  this  stage.  Optical  measurements 
were  not  possible  because  of  the  embedding  of  the  colorless  crystal  in 
paraffin  oil.  The  f  scan  method  gave  no  better  results.  Finally  the 
method  DIFABS31  was  used.  Maximal  and  minimal  corrections  of  1.28 
and  0.85  were  applied.  At  this  stage,  hydrogen  atoms  were  found  in 
difference  Fourier  maps  and  refined  with  fixed  isotropic  U.  This  model 
refined  to  /?  =  0.0291  and/?.  =  0.0255  (see  Table  I).  The  4-fold  disordered 
atoms  F(2)-F(4)  were  then  treated  anisotropically.  This  resulted  in  R 
=  0.020  and  /?*  =  0.0 171.  The  F(2),  F(3),  and  F(4)  atoms  became  quite 
disk-like,  with  a  considerable  bond  shrinkage  effect.  Since  it  is  unclear 
whether  or  not  it  is  advisable  to  refine  these  4-fold  disordered  atoms 
anisotropically  because  of  overlap  of  these  atoms  with  each  other,  the 
calculations  with  isotropic  F(2),  F(3),  F(4)  atoms  is  regarded  as  the  best 
solution. 

Summariesof  thedata  collection  parameters  and  other  crystallographic 
information  for  both  data  sets  are  given  in  Table  I.  The  final  atomic 
coordinates,  thermal  parameters,  interatomic  distances,  bond  angles,  and 
deviations  from  the  average  O-I-F^  angles  are  listed  in  Tables  II  and 
S4-S5  (supplementary  material).  Summaries  of  the  structure  deter¬ 
minations  and  the  observed  and  calculated  structure  factors  are  given  in 
Tables  S1-S3. 

Results  and  Discussion 

Synthesis  and  Properties  of  N(CH3)4+IOF6'.  In  a  previous 
study,36  it  was  shown  that  at  room  temperature,  CsF  does  not 
react  with  a  large  excess  of  IOF3,  while  at  higher  temperatures 
it  tends  to  undergo  deoxygenation.  In  the  same  paper  it  was 
speculated  that  the  failure  to  observe  fluorine-oxygen  exchange 
in  the  IFr-CsNOj  system  might  be  due  to  the  lack  of  formation 
of  an  intermediate  IOF6~  salt.  The  present  study  clearly 
demonstrates  that  under  suitable  reaction  conditions,  i.e.  using 
a  soluble  anhydrous  fluoride  of  a  large  cation  in  a  compatible 
solvent,  IOF6‘  salts  are  readily  formed  according  to 

(34)  Sheldrick,  G.  M.  Program  for  Crystal  Structure  Determination; 
Gottingen,  1976. 

(35)  International  Tables  for  X-ray  Crystallography ;  The  Kynoch  Press: 
Biraiingham,  1968;  Vol.  III. 

(36)  Christe.  K.  O.;  Wilson,  W.  W.;  Wilson,  R.  D.  Inorg.  Chem.  1989, 28. 
904. 


Figure  I.  Packing  diagram  of  N(CH3)4+IOF6_  viewed  along  the  c  axis. 
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Figure  2.  The  structure  of  the  IOF«~  anion  showing  the  puckering  pattern 
of  the  equatorial  fluorine  ligands. 

CHjCN 

N(CH3)4+F  +  IOFs  -  N(CH3)4+IOF6-  (1) 

The  resulting  N(CH3)4+IOF6-  is  a  very  pale  yellow  solid  which 
is  thermally  stable  up  to  about  1 37  °C  where  it  starts  to  decompose 
to  IOFr,  CF4,  and  COF2  as  the  major  products.  It  was 
characterized  by  elemental  analysis,  a  crystal  structure  deter¬ 
mination,  and  vibrational  and 1 9F  N  MR  spectroscopy  (see  below) . 

X-ray  Crystal  Structure  of  N(CH3)4+IOF<f.  The  crystal 
structure  of  N(CH3)4+IOF6-  at  -93  °C  was  determined  at 
McMaster  University  and  confirmed  at  the  Freie  Universitat 
Berlin  for  a  crystal  kept  at  -1 55  °C.  Although  the  gross  features 
of  both  structures  are  very  similar,  they  exhibit  an  extremely 
interesting  temperature  dependence  of  the  degree  of  puckering 
and,  therefore,  both  data  sets  are  given  in  full  detail. 

The  crystal  structure  of  N(CH3)4+IOF6-  consists  of  well- 
separated  N(CH3)4+  and  IOF6~  ions.  The  packing  of  the  ions 
(see  Figure  1)  can  be  described  as  a  cubic  close  packing  of 
alternating  layers  of  IOF6-  anions  and  N(CH3)4+  cations  in  which 
the  alternating  orientation  of  the  tetrahedral  cations  results  in  a 
cuboctahedral37  unit  cell  with  Z  —  2.  While  the  cation  is  perfectly 
ordered  with  the  expected  bond  lengths,  the  IOF6~  anion  is  subject 
to  a  positional  4-fold  disorder  in  the  equatorial  plane.  The  model 
results  from  the  superposition  of  four  anions  in  which  the  central 
I  atom  and  the  axial  O  and  F(  1 )  atoms  occupy  identical  positions. 

(37)  Hyde,  B.  G.;  Anderson.  S.  Inorganic  Crystal  Structures;  John  Wiley 
&  Sons:  New  York,  1989;  p  7. 
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One  of  these  anions  is  shown  in  Figure2.  There  are  no  significant 
contacts  to  iodine  other  than  the  directly  bonded  oxygen  and  six 
fluorine  ligands,  and  the  anion  exhibits  a  gross  pentagonal 
bipyramidal  geometry.  The  O— I— Fax  angle  is  constrained  by 
symmetry  to  be  1 80° ,  while  there  are  no  constraints  on  the  positions 
of  the  equatorial  fluorines.  The  equatorial  fluorines  are  bent 
away  from  the  axial  oxygen  ligand,  as  expected  for  a  doubly 
bonded  oxygen  being  more  repulsive  than  a  singly  bonded  fluorine 
ligand.5 

The  1-0  bond  length  ( 1 .75-1 .77  A)  indicates  significant  double 
bond  character  for  the  1-0  bond.31M3  Its  temperature  dependence 
will  be  discussed  below.  The  greater  1-0  bond  length  in  IOF6“, 
when  compared  with  that  in  IOF5  (1.715(4)  A),38  is  consistent 
with  the  placement  of  some  of  the  negative  charge  on  oxygen, 
thereby  increasing  the  polarity  and  decreasing  the  bond  order  of 
the  1-0  bond.  The  axial  I-F  bond  (1.823(3)  A)  is,  within 
experimental  error  (±3o),  significantly  shorter  than  all  of  the 
equatorial  I-F  bonds  (average  1.88  A),  and  both  types  of  I-F 
bonds  in  IOF6'  are  significantly  longer  than  the  corresponding 
bonds  in  IF7  (1.786(7)  and  1.858(4)  A,  respectively).3  These 
differences  can  be  attributed  again  to  the  formal  negative  charge 
on  IOF6‘,  which  leads  to  greater  P+-F3-  bond  polarities  and 
consequently  longer  bonds.  The  greater  length  of  the  equatorial 
bonds  in  IOF6-  and  IF7  relative  to  their  axial  ones  is  due  to  the 
increased  mutual  repulsion  of  the  fluorine  ligands  in  the  highly 
congested  equatorial  plane  and  their  higher  ionicity  (see  below). 

Nature  and  Temperature  Dependence  of  the  Equatorial  Puck¬ 
ering  in  IOF4‘.  As  mentioned  above,  the  equatorial  fluorine  atoms 
in  IOF<f  are  bent  away  from  the  doubly  bonded  oxygen  atom  by 
about  5° .  Furthermore,  the  plane  of  the  equatorial  fluorine  atoms 
is  puckered  and  its  I-F  bonds  are  elongated  in  order  to  lessen  the 
high  degree  of  ligand-ligand  repulsion  encountered  for  these 
fluorines.  Contrary  to  the  rapid  dynamic  puckering  in  free, 
pentagonal-bipyramidal  molecules,  such  as  IF7,8  the  puckering 
in  solid  N(CH3)4+IOF6-  is  frozen  out  by  hydrogen-fluorine 
bridging  between  the  two  F(2)  atoms  of  IOFt"  and  hydrogen 
atoms  from  two  different  cations.  This  bridging  results  in  two 
close  F-C  contacts  of  3.175(9)  and  3.271(9)  A,  while  the 
remaining  closest  F-C  contacts  occur  at  3.3 17(9),  3.473(9),  and 
3.416(9)  A  and  are  very  close  to  the  accepted  sum  of  the  van  der 
Waals  radii  of  CH3  (2.00  A)44  and  F  (1.35-1.40  A)44-45  which 
is  3.35-3.40  A. 

A  pentagonal  plane  can  be  puckered  in  two  ways  resulting  in 
structures  of  either  C,  or  C2  symmetry,  respectively. 


Cs  C2 


As  mentioned  above,  the  doubly  bonded,  axial  oxygen  ligand  in 
IOF6-  is  more  repulsive  than  the  singly  bonded,  axial  fluorine 
ligand.  Therefore,  the  average  equatorial  plane,  which  can  be 
defined  as  a  plane  perpendicular  to  the  O— I— Flx  axis  containing 
all  five  equatorial  fluorine  ligands  at  the  averaged  F«,-I-0  bond 
angle,  drops  below  the  center  of  the  iodine  atom.  As  can  be  seen 
from  Table  II  and  Figure  2,  the  puckered  plane  of  IOF<r  definitely 
exhibits  Cs  symmetry. 

(38)  Bartell,  L.  S.;  Clippard,  F.  B.;  Jacob,  J.  E.  lnorg.  Chem.  1976,  15. 
3009. 

(39)  Smart,  L.  E.  J.  Chem.  Soc..  Chem.  Commun.  1977,  519. 

(40)  Selte,  K.;  Kjekshus,  A.  Acta  Chem.  Scand.  1970,  24,  1912. 

(41)  K41m4n.  K.;  Cruickshank,  D.  W.  J.  Acta  Crystallogr.  1970,  B26. 
1782. 

(42)  Feikeman,  Y.  D.  Acta  Crystallogr.  1961,  14.  315. 

(43)  Feikeman,  Y.  D.  Acta  Crystallogr.  1966,  20,  765. 

(44)  Pauling,  L.  The  Nature  of  the  Chemical  Bond,  3rd  ed.;  Cornell 
University  Press:  Ithaca,  New  York,  1960;  p  260. 

(45)  Bondi.  A.  J.  Phys.  Chem.  1964,  68,  441. 


Furthermore,  the  relative  displacements  of  the  equatorial  fluorine 
ligands  from  the  average  equatorial  plane  decrease  with  decreasing 
temperature,  i.e.  the  degree  of  puckering  decreases  with  decreasing 
temperature. 


-93  °C  -155  °C 


This  decrease  in  the  degree  of  puckering  at  lower  temperatures 
causes  additional  important  structural  changes.  Thus,  the  1-0 
bond  length  is  significantly  shortened  and  the  angle  between  the 
oxygen  ligand  and  the  average  equatorial  plane  is  increased. 


-9l'"C  -»S5”C 


These  temperature  effects  can  be  explained  by  a  decreasing 
population  of  the  higher  vibrational  states  of  the  ring  puckering 
motion  which,  due  to  its  low  frequency  of  about  141  cm*1,  is,  even 
at  low-temperatures,  still  highly  populated.  The  resulting  decrease 
in  the  thermal  motion  of  the  equatorial  fluorines  diminishes  their 
mutual  repulsion  and  allows  the  equatorial  fluorines  to  become 
more  coplanar  and  less  repulsive  which,  in  turn,  results  in  a 
shortening  of  the  1-0  bond  length.  It  would  therefore  be  of  great 
interest  to  determine  the  crystal  structure  of  N(CH3)4+IOF6‘  at 
a  very  low  temperature  at  which  the  puckering  motion  is 
completely  frozen  out  and  to  compare  the  resulting  structure 
with  those  of  the  present  study.  Such  a  study  could  establish 
beyond  a  doubt  that  in  their  minimum  energy  structures  these 
normally  puckered,  pentagonal  bipyramidal  molecules  indeed 
possess  unpuckered  equatorial  planes. 

«»F  NMR  Spectrum  of  the  IOF*'  Anion.  The  ,9F  NMR 
spectrum  (obtained  at  McMaster  University)  of  N(CH3)4+IOF6' 
was  recorded  at  -40  °C  in  CH3CN  solution  and  is  in  agreement 
with  a  pentagonal  bipyramidal  structure  for  the  IOF6~  anion. 
This  structure  is  expected  to  have  an  average  Civ  point  group 
symmetry  with  the  oxygen  in  the  axial  position.  Accordingly, 
the  l9F  NMR  spectrum  (Figure  3)  displays  a  broad  doublet  (Aj»i/2 
a  1 70  Hz)  at  1 66.0  ppm,  assigned  to  the  equatorial  fluorines,  and 
abroad  binomial  sextet  (Aki/2  =  360  Hz)  at  111.1  ppm,  assigned 
to  the  axial  fluorine  trans  to  oxygen.  The  weak  triplet  observed 
at  1 14.5  ppm  (2y(F«,-Fax)  =  200  Hz]  is  attributed  to  the  F -trans- 
to-0  environment  of  c«-I02F4' 44  which  probably  arose  from 
adventitious  hydrolysis  of  IOF4~  during  synthesis  or  NMR  sample 
preparation.  The  observation  of  separate  ,9F  resonances  for  the 
axial  and  equatorial  ligand  environments  of  IOF4~  is  unusual  for 
a  pentagonal  bipyramidal  species  and  demonstrates  that  the  IOF4" 
anion  does  not  undergo  intramolecular  ligand  exchange  (i.e., 
pseudorotation)  in  solution,  in  contrast  with  the  related  TeF7' 
anion10-1 1  and  IF7  molecule  47  This  is  not  surprising  because  any 
plausible  intermediate  in  the  pseudorotation  process  for  IOF6" 
would  require  the  doubly  bonded  oxygen  ligand  to  move  into  an 

(46)  Christe,  K.  O.;  Wilson,  R.  D.;  Schack,  C.  J.  lnorg.  Chem.  1981, 20, 
2104. 

(47)  (a)  Gillespie,  R.  J.;  Quail,  J.  W.  Can.  J.  Chem.  1964,  42,  267 1 .  (b) 
Bartlett,  N.;  Beaton,  S.;  Reeves,  L.  W.;  Wells,  E.  J.  Can.J.  Chem.  1964, 42, 
2531.  (c)  Alexakos,  L.  G.;  Cornwell,  C.  D.;  Pierce,  St.  B.  Proc.  Chem.  Soc. 
1964, 86, 293.  (d)  Gutowski,  H.  S.;  Hoffmann.  C.  F.  J.  Chem.  Phys.  1951. 
19,  1259. 
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figure  3.  The  l9F  NMRspectrum  (470.599  MHz)  of  a  saturated  solution 
ofN(CH3)„+IOF6  in  CH3CN  at  -40  °C:  (A)  environment  of  IOF6~; 
(B)  F„  environment  of  IOF„  ;(C)  F-frans-to-0  environment  of  cir-I02F4- 
impurity. 

equatorial  position.  The  greater  space  requirement  of  the  oxygen 
double  bond  domain,  compared  with  that  of  a  fluorine  single 
bond  domain,  would  render  the  placement  of  the  oxygen  ligand 
in  the  more  sterically  crowded  equatorial  position  energetically 
unfavorable,  thereby  creating  a  high  activation  barrier  for  the 
process.  Although  the  X-ray  crystal  structure  reveals  that,  in 
the  solid  state,  the  equatorial  fluorine  ligands  of  the  IOF«-  anion 
are  unevenly  puckered,  only  a  single  resonance  is  observed  for 
these  ligands  in  the  ,9F  NMR  spectrum  of  the  solution.  Clearly, 
the  puckering,  which  is  frozen  out  in  the  solid  state,  becomes  a 
dynamic  process  in  solution  which  is  fast  on  the  NMR  time  scale. 

It  is  of  interest  to  compare  the  l9F  chemical  shifts  of  IOF<f 
with  those  of  other  related  iodine(VII)  oxofluoro  species.  The 
l9F  chemical  shifts  of  the  F-f/wu-to-F  environments  in 
rraru-I02F4,  m-I02F4',*6  and  IOF547  occur  in  a  specific  region 
at 65. 1,66.0, and 68 ppm, respectively.  Similary.the  !9F chemical 
shifts  of  the  F-mwir-to-O  environments  in  «j-IOjF4-  and  IOF5 
also  occur  in  a  distinct  region  at  112.846  and  107  ppm,48 
respectively.  In  the  IOF6  anion  it  can  be  seen  that  the  F-trans- 
to-0  environment  (111.1  ppm)  also  resonates  in  this  region  but 
that  the  resonance  of  the  five  equatorial  fluorines  (166.0  ppm) 
is  strongly  deshielded  (i.e.,  by  ca.  100  ppm)  from  the  F-trans- 
to-F  environments  of  IOFs  and  cir-//ra/u-I02Fr.  This  phe¬ 
nomenon  has  also  been  noted  for  the  XeFs-  anion  in  which  the 
fluorines  in  the  pentagonal  plane  resonate  56.8  ppm  to  high 
frequency  of  the  fluorine  ligands  in  square-planar  XeF4  49  In  the 
cases  of  the  pentagonal  bipyramidal  TeF2_  anion  and  IF7  molecule, 
even  at  low  temperature1011-47  only  average  ,9F  chemical  shifts 
can  be  obtained  owing  to  their  fluxional  behavior.  N evertheless, 
the  fact  that  these  average  chemical  shifts  occur  at  significantly 
higher  frequency  than  those  of  the  related  octahedral  TeF650  and 
IF6+  51  species  indicates  that  the  five  equatorial  fluorines  have  a 
higher  frequency  l9F  chemical  shift  than  the  two  axial  fluorine 
ligands,  since  the  former  will  contribute  the  largest  weighting  to 
the  average  chemical  shift. 

The  large  chemical  shift  differences  between  fluorine  ligands 
in  a  square  plane  and  those  in  a  pentagonal  plane  in  the 
aforementioned  species  are  indicative  of  the  dominance  of  the 
paramagnetic  contribution  to  the  l9F  shielding  constant.  In  the 
theory  developed  by  Pople  and  Karplus,52  the  paramagnetic 
contribution  to  the  shielding  constant  of  an  atom  A  bonded  to 

(48)  Remeasured  for  this  work  in  CH.CN  at  -40  ®C. 

(49)  Christe,  K.  O.;  Curtis,  E.  C.;  Dixon,  D.  A.;  Mercier,  H.  P.;  Sanders. 

J.  C.  P.;  Schrobilgen,  G.  J.  J.  Am.  Chem.  Soc.  1991,  113,  3351. 

(50)  This  work;  chemical  shift  determined  as  S  =  -51.3  ppm  for  TeF*  in 
CH  .CN  at -40  °C. 

(51)  Brownstein,  M.;  Selig,  H.  Inorg.  Chem.  1972,  II,  656. 

(52)  Karplus,  M.;  Pople,  J.  A.  J.  Chem.  Phys.  1963,  38,  2803. 
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Figure  4.  Vibrational  spectra  of  N(CFij)4+!OF6-.  Trace  A,  infrared 
spectrum  of  the  solid  as  an  AgBr  disk;  traces  B  and  C,  Raman  spectra 
of  the  solid  at  25  and  -146  °C;  traces  D  and  E,  Raman  spectra  of  the 
CHjCN  solution  with  parallel  and  perpendicular  polarization,  respectively. 


another  atom  B  is  given  by  eq  2 


lm2c2AE 


[Gaa+^Cab] 


(2) 


where  (r-})2p  is  the  mean  inverse  cube  of  the  2p-orbital  radial 
function  on  atom  A,  (?AA  is  the  charge  density  term  for  atom  A, 
0ab  is  the  bond  order  term  for  the  A-B  bond,  and  A E  is  the  mean 
excitation  energy. 

Compared  with  the  bonds  in  the  corresponding  octahedral  or 
pseudooctahedral  precursors,  MOvFx\  those  in  the  MO^,”-1 
species,  which  contain  a  pentagonal  plane  of  M-F  bonds  (where 
M  =  Xe,  I,  Te),  exhibit  greater  ionic  character,  as  indicated  by 
their  longer  bond  lengths  and  lower  vibrational  stretching 
frequencies.  This  greater  ionic  character  would  be  expected  to 
bring  about  a  decrease  in  the  and  charge  density-bond 
order  terms  of  eq  2.  This  would  result  in  a  decrease  in  ap  and 
a  more  shielded  chemical  shift  and  does  not  account  for  the 
experimentally  observed  trend.  Consequently,  it  would  appear 
that  the  origin  of  the  observed  deshielding  most  likely  lies  in  the 
AE  term.  Unfortunately,  the  nature  of  the  excited  states  is 
unknown  ^present;  however,  it  is  interesting  to  note  that 
comparisonof  the  HOMO  energies  in  XeF4  and  XeF5-  49  as  well 
as  IOF5  and  IOF6~  reveals  that  the  anions  have  significantly  lower 
values  than  the  neutral  molecules  and  may  facilitate  excitation 
to  a  higher  excited  state,  i.e.,  A E  is  smaller  for  XeF5-  and  IOF<f 
than  for  XeF4  and  IOFs. 

The  two-bond  fluorine-fluorine  scalar  coupling  2/(l9F„-,9F,q) 
in  IOF6-  has  a  value  of 205  Hz  and  is  almost  identical  in  magnitude 
to  that  measured  previously  for  c/j-I02F4-  in  CH3CN  [2/(,9F„- 
l9F«|)  =  204  Hz].46  The  couplings  in  both  anions  arc  smaller 
than  the  corresponding  coupling  in  the  related  IOF5  molecule 
t2/(l9F„-,9Fai)  =  271-280  Hz],53  which  may  reflect  the  antic¬ 
ipated  greater  ionic  character  in  the  bonds  of  the  anionic  species.54 
In  the  ,9F  NMR  spectrum  of  IOF6-,  both  the  doublet  and  sextet 


(53)  Brownstein,  M.:  Gillespie,  R.  J.;  Krasznai,  J.  P.  Can.  J.  Chem.  1978, 
56%  2253. 
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are  significantly  broadened  owing  to  partially 
coupling  to  the  quadrupolar  nll(I~s/i)  nucleus.  The  FNM 
spectra  of  cis-l02F<-“  and  IOF547‘  also  show  broadening 
attributed  to  the  same  cause.  Interestingly,  the  line  width  of  the 
sextet  of  IOF6-  is  substantially  broader  than  of  the  dooWrt, 

indicating  that  'J('9F„-127I)  is  larger  than  *“ 

therefore  less  quadrupole  collapsed.  If  it  is  assumed  that 
Fermi-contact  mechanism  provides  the  dominant  coupling  con¬ 
tribution,  then  this  observation  is  consistent  with  the  relatively 
more  covalent  (i.e.,  greater  s-character)  bond  between  iodine 
and  the  axial  fluorine  as  compared  with  those  between  iodine  and 
the  equatorial  fluorines.54  The  X-ray  crystallographic  data  and 
vibrational  spectra  for  N(CH3)<+IOF6-  support  this  idea  m  that 
the  I— Fax  bond  distance  is  shorter  than  the  average  I-r,,  bona 
distance  and  the  I-F,x  force  constant  is  larger  than  the  I-F«,  one 
(see  below). 

Vibrational  Spectra.  The  infrared  and  Raman  spectra  of  solid 
N(CH3)4+IOF«-  and  the  Raman  spectra  of  its  CHjCN  solution 
were  recorded  and  are  shown  in  Figure  4.  The  observed 
frequencies,  together  with  their  assignments,  are  summarized  in 
Table  III.  A  comparison  of  the  observed  and  calculated  (see 
below)  frequencies  of  IOF6*  with  those  of  the  closely  related 
pentagonal  IF,  molecule*  and  XeFs-  anion,45  logger  with  their 
approximate  mode  descriptions,  is  given  in  Table  IV.  Alter 

subtraction  of  the  well-known'5-55  bands  of  the  N(CHj)4  cation 

(see  Table  III),  the  remaining  bands,  which  are  due  to  IOF6",  can 
be  readily  assigned  based  on  the  data  given  in  Table  IV.  Since 
the  vibrational  spectra  of  IOF«'  in  solid  N(CHj)4  IO  «  0  "° 
appear  to  be  noticeably  affected  by  the  slight  equatorial  puckering, 
they  were  assigned  (see  Table  IV)  in  pomt  group  C*  which  is  the 
lowest  energy  structure  of  the  free  anion  (see  below). 

Ab  Initio  Calculations  and  Normal  Coordinate  Analyses.  The 
electronic  structure  of  IOF6-  was  calculated  at  the  ab  mitio  level 

(54)  Jameson,  C.  J.  In  Multinuclear  NMR\  Mason,  J-  Ed.;  Plenum  Press: 
New  York,  1987;  Chapter  4.  pp  97-101. 

(55)  Christe.  K.  O.;  Wilson.  W.  W.;  Bau,  R.;  Bunte,S.  W.  J.  Am.  Chem. 
Soc.  1992.  114,  341 1  and  references  cited  therein. 


by  using  both  local  density  functional  (LDF)  theory  and  molecular 
orbital  theory  with  an  effective  core  potential  (ECP)  for  the  core 
dectronsof  iodine.  Both  types  of  calculations  resulted  in  minimum 
energy  structures  of  C5o  symmetry  with  the  ECP  calculations 
duplicating  the  experimentally  observed  geometry  (see  Table  ) 
and  vibrational  frequencies  (see  Table  IV)  much  better  than  the 
LDF  calculations.  In  view  of  the  superiority  of  the  ECP 
calculations,  we  have  also  recalculated  the  structure  of  the  closely 
related  XcF5  '  anion,  for  which  previously49  only  LDF  values  had 
been  available.  As  can  be  seen  from  Tables  IV  and  V,  the  ECP 
calculations  are  in  excellent  agreement  with  the  observed  values, 
after  scaling  of  the  calculated  frequencies  by  empirical  factors 
to  maximize  their  fit  with  the  experimental  data,  and  therefore 
arc  invaluable  for  the  correct  assignments  of  the  vibrational 
spectra.  For  XeFs',  for  example,  they  clearly  indicate  that  the 
previous  assignments49  for  »-2(A2")  =  274  cm-'  and  *«(E, )  =  290 
cm-'  should  be  reversed.  In  view  of  the  closeness  of  these  two 
frequencies,  the  reversal  of  their  assignments  has  very  little  or  no 
impact  on  the  conclusions  previously  reached49  for  XeFs  - 

The  eleven  fundamental  vibrations  of  a  pentagonal  bipyramidal 
AX5YZ  species  in  point  group  C5„  can  be  classified  as  T  -  4Ar 
(IR,Ra)  +  4E,(IR,Ra)  +  3E2(Ra).  The  internal  coordinates, 
symmetry  coordinates,  and  approximate  mode  descriptions  or 
10F6-  are  summarized  in  Figure  5  and  Table  S6,  respectively. 
The  tentative  assignments  given  in  our  preliminary  communi¬ 
cation'0  for  IOFr  and  IF,  have  been  significantly  improved 
resulting  in  revised  assignments  for  r6,  v,,  n,  and  *io  of  IOF6  and 
for  *9  and  »>io  of  IF7. 

By  the  use  of  the  scaled  ECP  frequencies,  force  Reids  were 
calculated  for  IOF6-  (see  Table  Vl)  and  XeF5'  (see  Table  VII). 
The  potential  energy  distribution  (PED)  for  IOF6- is  given  in 
Table  VIII.  As  can  be  seen  from  Table  VIII,  the  IFS  in-plane 
deformation  motions,  due  to  their  high  frequencies,  mix  con¬ 
siderably  with  some  of  the  other  symmetry  coordinates,  and  the 
„,(£,)  and  vg(E,)  modes  are  antisymmetric  and  symmetric 
combinations,  respectively,  of  S7  and  S$.  Consequently,  v-,  an 
r,  are  better  described  as  an  0-I-F,x  rocking  motion 
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and  an  0-I-Fal  scissoring  motion 


respectively,  than  as  separated  I=KDand  I — Fa,  wagging  motions. 
The  only  deficiency  of  the  ECP  calculation  for  IOF«-  was  the 
low-frequency  value  and  resulting  force  constant  for  the  scaled 
1-0  stretching  mode,  V|(A|).  Consequently,  we  prefer  to  use  for 
this  mode  the  unsealed  value  of  860  cro~’  which  is  in  much  better 
agreement  with  the  observed  value  of  873  cm-'.  The  low  value 
calculated  for  this  stretching  frequency  is  surprising  as  the 
calculated  1-0  bond  length  is  shorter  than  the  experimental  value. 
Due  to  the  larger  number  of  symmetry  species  for  XeFj-,  its  PED 
(see  Table  VII)  is  highly  characteristic  and  requires  no  further 
comment.  It  should  be  noted,  however,  that  the  symmetry 
coordinates  and  internal  force  constants,  previously  published49 
for  XeFj~,  contained  two  typographical  errors.  S5b  should  read 
(2/5) 1 12  [sin  2a  (Ar ,  —  Ar 5)  —  sin  a  (Ar3  —  Ar<)] ,  and  subscripts 
had  been  omitted  from  the  last  two  internal  force  constants  in 
Table  VIII  which  should  read ./„  and/,  -/„,  respectively. 

The  internal  force  constants  of  greatest  interest  are  those 
involving  the  stretching  of  the  axial  and  the  equatorial  fluorine 
bonds  and  the  equatorial  in-plane  deformation  constants.  These 
data  are  summarized  for  the  IF,,  IOF6-,  XeFs-  series  in  Table 
IX.  As  can  be  seen  from  this  table,  the  X-F„  bonds  are 
considerably  stronger  than  the  X-F«,  ones  for  a  given  compound, 
as  expected  from  the  bonding  scheme  proposed  below.  Further¬ 
more,  the  stretching  force  constants  decrease  significantly  on 
going  from  IF7  toIOF^and  XeFs-,  as  expected  from  an  increasing 
ionicity  of  the  X— F  bonds  caused  by  the  formal  negative  charge 
in  the  anions  and  the  reduction  in  the  formal  oxidation  state  of 
the  central  atom  from  +VII  in  IF,  and  IOF6-  to  +IV  in  XeF5- 
The  large  increase  in  the  value  of//,  the  coupling  to  opposite 
bonds,  from  IOF<f  to  XeFj-,  is  analogous  to  those  previously 
observed46  for  going  from  either  trans-I02F4-  (/'=  0.27  mdyn/ 
A)  to  IOF4  {/„’  =  0.45  mdyn/ A)  and  IF<  (f„'  =  0.47  mdyn/ A) 
or  IOFr  (f„'  -  0.18  mdyn/ A)  to  IFS  (/'  =  0.38  mdyn/A)  and, 
hence,  appears  to  be  associated  with  the  introduction  of  a  stoically 
active,  free  valence  electron  pair  into  the  ligand  sphere  around 
the  central  atom. 

The  in-plane  deformation  constants,/,  are  a  measure  for  the 
strength  of  the  mutual  repulsion  of  the  equatorial  tigarak  and 
hence  for  the  degree  of  congestion  in  this  plane  which,  in  turn, 
is  responsible  for  the  puckering.  As  can  be  seen  from  Table  IX, 
the  value  of  /  decreases  markedly  on  going  from  IF,  to  IOF6- 
and  XeFj-.  In  IF,,  the  in-plane  deformation  constant,/,  is  about 
five  times  larger  than  the  out-of-plane  deformation  constant,/, 
and  accounts  for  the  puckering  of  the  equatorial  plane  in  IF,.  On 
the  other  hand,  in  XeFs-  the/  value  has  become  much  smaller 
and  approaches  the  range  of  values  expected  for  the  out-of-plane 
deformation  constants,/.  This  is  in  good  agreement  with  the 
X-ray  crystal  structure  of  N(CH3)4+XeFj-  which  showed49  that 
XeFj-  is  planar  and  not  puckered.  Hence,  it  appears  that  the 
value  of  the  in-plane  deformation  force  constant,/,  is  a  useful 
parameter  for  measuring  the  degree  of  congestion  and  the  likely 
occurrence  of  puckering  in  the  equatorial  ligand  pl^nr 
It  must  be  pointed  out  that  the  problem  of  calculating  the 
internal  deformation  constants  from  the  corresponding  symmetry 
force  constants  is  underdetermined  (more  unknowns  than  available 
equations)  and,  hence,  requires  additional  assumptions.  For  the 
calculation  of  /  in  our  compounds,  the  pure  vibrational  force 
field56  condition  of  Kuczera,  adapted  to  5-fold  symmetry,/  + 


(56)  (a)  Kuczera,  K.;  Czerminski,  R.  J.  Mot.  Struct.  1983. 105  269  (b) 
Kuczera.  K.  J.  Mol.  Struct.  1987, 160.  159.  ' 
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Figure  5.  Internal  coordinates  for  lOF*'. 

Table  VI.  Symmetry  Force  Constants”  of  !OF6'  Calculated  from 
the  Scaled  ECP  Frequencies  of  Table  IV 
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ref  49. 
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Table  IX.  Internal  Force  Constants"*  (mdyn/A)  of  IF,,  IOF6-,  and 
XeFs-  _ 


"Stretching  constants  in  mdyn/A,  deformation  constants  ir i  mdyn 
A/rad2,  and  stretch-bend  interaction  constants  in  mdyn/rad.  Unsealed 
value  (see  text). r  Scaled  value. 

2f  +  2/  '  =  0,  was  used.  Since  for  f,  the  case  is  even  more 
complex,  no  explicit  values  were  calculated  for/e  of  IOF6  an 

XeFs",  however,  we  estimate/*)  of  IOF6- to  be  slightly  argert  an 

and  that  of  XeFs-  to  be  similar  to  that  of  IF, 

Structure  and  Bonding  in  IOF*  and 
Ions.  The  pentagonal  bipyramidal  structure  and  the  co-planarity 
of  the  equatorial  ligands  in  the  minimum  energy  configurauon 
of  IOF«-,  which  cannot  be  accounted  for  by  either  ^peUing 
points  on  a  sphere"  VSEPR  arguments5  or  classical,  directionally 
Kalized  molecular  orbitals,  can  be  rationalized  m  terms  of  a 

bonding  scheme,  outlined^HorXeFrandekboratrfon  mmore 

detail8  for  IF,.  In  this  scheme,  the  structure  and  bondmgof 
XeFs-  are  explained  by  a  simple  model  derived  from  XeF4.  The 
bonding  in  the  square-planar  XeF4  can  be  described  by  two  seim- 
ionic,  3-center  ^electron  (3<Me)  bonds”  for  the  four  Xe-F  bonds 
and  two  lone  valence  electron  pairs  on  Xe  (s  p.  hybn^)-  Th 
3c-4e  bonds  involve  the  p,2  and  p,2  orbitals  of  xenon.  Addition 

(57)  (a) Pimentel, G.C. 7. Chem.Phys.\K\J0,W>  Hach^RJ_;Rundic. 
_  c  i  rutm  <\oc  1951  73.4321.  Rundle.  R.  E.  J.  Am.  Chem.  zoc. 
mi.85  m  (b)  Burden.  J.  kjn  ^lecu,arShap^  Theoretical  Motels 
of  Inorganic  Stereochemistry:  Wiley:  New  York,  1980. 
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"The  deformation  constants  nave  ocen  m,. --- 
^d disun^  IF,, ri-F  =  1  d8e5n7otc;coup*-grt; a3jacent and opposite 
2 ds  restively,  and /„„  and coupling  to  adjacent  and  oppos.te 
bond  angles,  respectively. 

of  an  F-  ion  to  the  equatorial  plane  in  XeF4  results  in  pentagonal- 
planar  XeFs-  and  the  formation  of  a  semi-ionic,  6-center  10- 
electron  (6c-10e)  bond  involving  the  delocalized  p,  p>  hybn 
Sot  X',nd6  electrons  on  the  5  F  ligands.*’  Tb=.»olo« 
valence  electron  pairs  on  Xe  in  XeFs'  are  analogous  to  those  tn 

X  Now  let  us  consider  thebonding  in  IF,  and  IOF<f.  Their  planar 
!Fs  fragments  have  essentially  the  same  bonding  as  XeF5 ,  as 
shown  by  the  atomic  population  calculations  given  in  Table  X. 
t  expected  for  the  replacement  of  two  free  valence  electron 
pairs  onthe  central  atom  by  two  bonded  ligands,  each  of  which 
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figure  6.  A  comparison  of  the  structure  of  IOF6  with  those  of  closely  related  hexa-  and  heptacoordinated  iodine  fluorides  and  oxyfluorides. 


Table  X.  Atomic  Populations  (e)  in  the  Valence  Electron  Orbitals 
and  Total  Charge  Distributions  for  XeFs-,  IF,,  and  IOF6- 
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p  in  plane 
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d 

0 

0.03 
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Axial  Fluorines  and  Oxygens 

s 

1.92 

1.92(F),  1.86  (O) 

p.- 

1.54 

1.57(F),  1.16(0) 

P  a  -  P.r 

1.94 

1.95  (F),  1.83  (O) 

d 

0.04 

0.03  (F),  0.04  (O) 
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central  atom 

2.15 

2.94 

2.81 

-0.63 

-0.43 

-0.53 

F„ 

-0.39 

-0.44 

o„ 

-0.74 

contributes  one  electron  to  its  bond,  the  population  of  the  s2  and 
P;2  orbitals  of  I  in  IF7  and  IOF6~  has  decreased  by  about  two 
electrons,  compared  to  XeF4  and  XeFs-.  The  higher  oxidation 
state  of  the  central  atoms  in  IF?  and  IOF6-  (+VII)  results  in  I 
having  a  higher  positive  charge  than  Xe  (+IV)  in  XeF5-.  This 
causes  the  effective  electronegativity  differences  between  the 
central  atoms  and  the  ligands  in  IF7  and  IOF6*  to  be  smaller  than 
those  in  XeF 4  and  XeFs-  and  results  in  an  increased  covalency 
and  a  shortening  of  the  central  atom-fluorine  bonds.  Further¬ 
more,  the  axial  fluorine  ligands  in  IF7  and  IOF$~  carry  less  of  a 
negative  charge  than  the  equatorial  ones  which  accounts  for  the 
axial  I— F  bonds  being  more  covalent  and,  hence,  shorter  than  the 
equatorial  ones.  The  total  charge  distributions  in  IF7  and  10F6- 
(see  Table  X)  also  demonstrate  the  effect  of  replacing  an  F  ligand 
in  IF7  by  an  O  ligand.  The  oxygen  substitution  results  in  the 
release  of  electron  density  into  the  IF«  part  of  the  molecule  which 
increases  the  negative  charges  on  the  six  fluorines  and  weakens 
the  I-F  bonds  in  IOF6-  relative  to  those  in  IF7. 


Of  course,  the  above  model  does  not  account  for  the  fact  that 
the  electrons  will  try  to  minimize  their  mutual  repulsions  and 
occupy  all  of  the  available  orbitals  to  do  so.  This  results  in  the 
participation  of  some  d  functions.  Although  we  are  not  proposing 
a  d  hybridization  model,  the  population  in  the  d  orbitals  does 
suggest  a  redistribution  into  these  orbitals  beyond  that  expected 
if  the  d  orbitals  were  to  act  solely  as  polarization  functions. 

The  above  atomic  population  and  total  charge  distribution 
analysis  qualitatively  confirms  our  simple  bonding  model  for 
pentagonal-bipyramidal  molecules.  This  model  involves  the  use 
of  delocalized  px2  and  p/  hybrid  orbitals  of  the  central  atom  for 
the  formation  of  a  semi-ionic,  6c-l  Oe  bond  with  the  five  equatorial 
ligands  and  of  an  spz  hybrid  orbital  for  the  formation  of  two, 
more  covalent,  axial  bonds.  This  bonding  scheme  can  account 
for  all  the  observed  structural  features  and  also  the  observed 
bond  length  differences.  The  planarity  of  the  p,2  and  p,2  hybrid 
orbitals  of  the  central  atom  also  explains  why  these  heptacoor¬ 
dinated  main  group  fluorides  and  oxyfluorides  prefer  pentagonal- 
bipyramidal  structures  and  not  the  monocapped  octahedral  or 
trigonal  prismatic  ones  expected  from  VSEPR  arguments. 

As  far  as  the  puckering  of  the  equatorial  plane  in  pentagonal 
bipyramidal  molecules  is  concerned,  the  data  given  above  for 
IOF6-  strongly  suggest  that  the  congestion  in  its  equatorial  plane 
and  hence  the  driving  force  toward  puckering  is  intermediate 
between  those  of  puckered  IF7  and  planar  XeFj-.  Therefore,  it 
might  be  possible  that  by  a  reduction  of  the  thermal  motion  of 
the  ligands,  the  mutual  repulsion  among  the  equatorial  ligands 
will  be  sufficiently  diminished  to  allow  for  the  observation  of  a 
temperature-dependent  transition  from  a  puckered  to  a  planar 
configuration.  Our  two  crystal  structure  determinations  of 
N(CH3)4+IOF6-  at  different  temperatures  clearly  demonstrate 
such  a  temperature  dependency  of  the  degree  of  puckering,  and 
the  ab  initio  calculations  point  to  a  minimum  energy  structure 
with  coplanar  equatorial  ligands. 

A  comparison  of  the  structure  of  IOF<f  with  those7-38-5*-61  of 
other  hexa-  and  heptacoordinated  iodine  fluorides  and  oxyfluorides 
is  shown  in  Figure  6  and  suggests  the  following  general  effects: 
(i)  If  the  central  iodine  atom  possesses  a  free  valence  electron 
pair ,  this  pair  seeks  high  s  character,  i.e.  sp"  hybridization.  If  the 
number  of  ligands  is  larger  than  four,  then  as  many  F  ligands 

(58)  The  bond  length  in  IF,  is  a  value  estimated  from  a  normal  coordinate 
analysis:  Christe,  K.  O.;  Naumann,  D.  Inorg.  Chem.  1973,  12,  59. 

(59)  Ryan.  R.  R.;  Asprey,  L.  B.  Acta  Crystallogr.  Part  3  1972,  B28. 979. 

(60)  Balifcci,  B.;  Brier,  P.  N.  J.  Mol.  Spectrosc.  1981,  89,  254. 
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form  semi-ionic,  3-center  4-eiectron  (3o-4e)«*  or  similar  multi¬ 
center  bonds578  as  are  required  to  allow  the  free  electron  pairs 
to  form  an  sp"  hybrid  with  any  remaining  ligands.  The  resulting 
semi-ionic,  multi-center  bonds  are  considerably  longer  than  the 
more  covalent  sp"  hybrid  bonds  62  This  effect  accounts  for  the 
long  equatorial  I-F  bonds  in  IF,-, 58  IOFr  »  and  IF,  “  and  the 
short  axial  1-F  bond  in  IFs  60  (n)  If  the  central  atom  does  not 
possess  any  free  valence  electron  pair,  the  tonicity  of  the  bonds 
and,  as  a  result,  their  lengths  are  influenced  by  the  following 
secondary  effects:  (a)  An  increase  in  the  oxidation  state  of  the 
central  atom  generally  increases  its  effective  electronegativity 
and  results  in  increased  covalency  and,  hence,  shorter  bonds,  it 
must  be  kept  in  mind,  however,  that  the  addition  of  two  fluorine 
ligands  results  in  a  considerably  stronger  electron  density 
withdrawal  from  the  central  atom  than  that  caused  by  the  addition 
of  one  doubly  bonded  oxygen  ligand.  Thus,  for  c^em^y 
electronegative  central  atoms,  such  as  chlorine  in  C1F2  or  Ufa , 
the  addition  of  an  oxygen  ligand  may  even  result  in  the  reverse 
effect,  i.e.  the  release  of  electron  density  to  the  central  atom. 

(b)  In  the  case  of  coordination  number  (CN)  seven,  stenc  crowding 
and,  hence,  repulsion  effects  also  become  im^rtant  The 
increased  congestion  in  the  equatorial  planes  of  IF,  and  lUft , 
for  example,  results  in  increased  mutual  repulsion  and  increased 
lengths  of  the  equatorial  bonds.  Thus,  the  n^rest-neighbor 
F„-~FM  contacts  in  the  IOF<r  anion  at  -93  C  are  2.090(16) 
2.362(  1 2)  A  and  are  significantly  less  than  twice  the  nominal  van 
der  Waals  radius  for  fluorine,  i.e.,  2.70-2.80  A,44-4  while  in 
hexacoordinated  IF538  the  nearest  neighbor  F^-F*,  contacts  are 
2  571  A  and  are  still  at  the  limit  of  the  sum  of  the  fluorine  van 
der  Waals  radii.  Similarly,  the  increased  repulsion  from  the 
sterically  active,  free  valence  electron  pair  on  iodine  in  hepta- 
caordinatcd  IF<f  causes  an  elongation  of  the  three  neighboring 
I-F  bonds.61  (c)  A  formal  negative  charge,  as  found  in  an  anion, 
enhances  the  F^-I64  bond  polarity  and  hence  the  ronicity  of  a 
bond  and,  thereby,  increases  the  bond  lengths.62 

The  combination  of  these  effects  can  explain  the  features  of 
the  compounds  shown  in  Figure  6.  For  IOF<f,  the  relative  length 
of  equatorial  I-F  bonds  can  be  explained  by  semi-ionic,  multi¬ 
center  bonding,  which  is  enhanced  by  the  formal  negative  charge 
and  the  repulsion  effects  caused  by  the  steric  crowding  in  the 
equatorial  plane,  while  the  lengthening  of  the  1-0  bond  is 
attributed  mainly  to  the  formal  negative  charge  and  the  repulsion 
effects.  There  is  one  piece  of  data  in  Figure  6,  however,  which 
does  not  fit  the  overall  picture.  This  is  the  axial  I-F  bond  length 
in  IOF5.  The  published38  value  of  1 .863  A  appears  too  long  and, 
based  on  the  fact  that  the  axial  IF  stretching  force  constant  in 
IOF5  is  larger  than  the  equatorial  one64  and  by  analogy  with  the 
isoelectronicTeOFs"  anion  (Te-Fa*  =  1.854  A,  Te-  - 
A),65  the  axial  bond  distance  in  IOF5  should  be  similar  to  or 
shorter  than  the  equatorial  ones.  A  cursory  examination66  of  the 

(62)  Christe,  K.  O.;  Schack,  C.  J.  Ado.  Inorg.  Ch^.  RadA°ch,m  \91^ 
18. 331.  Christe,  K.  O.  XXIV, h  tnl  Congr.  Pure  ApplCh 4.  115. 

(63)  Christe,  K.  O.;  Curtis,  E.  C.  Inorg.  Chem.  1972,  //,  2-OV. 


experimental  data38-64  67-69  available  for  IOF5  revealed  that  these 
bond  distances  are  not  well-determined  and  are  very  sensitive  to 
the  choice  of  the  0-I-F„  bond  angle.  Thus,  a  decreasing  angle 
lengthens  the  1-0  and  shortens  the  I-F„  bond.  Furthermore,  a 
lengthening  of  the  I-F*,  bond  distance  results  in  a  shortening  of 
the  I-Fj,  bond  distance.  Obviously,  additional  experimental  data 
are  required  for  a  more  precise  structure  determination  of  IOF5. 

Conclusions.  The  IOF<f  anion  provides  unique  information  on 
the  nature  of  heptacoordinated  molecules.  The  high  degree  of 
fluxionality,  which  is  normally  encountered  for  free  heptacoor¬ 
dinated  molecules,  is  absent  Dynamic  puckering  of  theequatonal 
ligand  plane  is  frozen  out  by  crystal  forces,  and  axial-equatorial 
ligand  exchange  is  precluded  by  the  incorporation  of  the  more 
repulsive,  axial  oxygen  ligand.  It  is  shown  that  the  statically 
puckered,  equatorial  fluorine  plane  exhibits  Cs  symmetry  in  the 
crystal  Furthermore,  it  is  demonstrated  by  ab  initio  calculations 

and  the  crystal  structure  of  XeFs- that  the  lowest  energy  structures 

of  these  molecules  are  pentagonal  bipyramids  with  coplanar 
equatorial  ligands.  This  coplanarity  is  explained  by  a  bonding 
scheme  involving  delocalized,  planar  p,2-p,2  hybrid  orbitals  of 
the  central  atom  for  the  formation  of  a  semi-ionic,  6-ccnter  10- 
electron  system  for  the  five  I-F*,  bonds  which  also  accounts  for 

their  increased  lengths.  The  degree  of  puckering  of  the  equatorial 

ligand  plane  increases  with  increasing  mutual  repulsion  of  the 
equatorial  ligands  and,  therefore,  is  temperature  dependent  as 
demonstrated  for  IOF6'. 
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Abstract:  The  TeF?'  anion  was  studied  experimentally  by  vibrational  and  19F  and  125Te  NMR  spectroscopy.  Ab  initio 
calculations  employing  effective  core  potentials  and  density  functional  theory  calculations  at  the  self-consistent  nonlocal 
level  with  the  nonlocal  exchange  potential  of  Becke  and  the  nonlocal  correlation  functional  of  Perdew  were  used  for 
the  analysis  of  the  isoelectronic  series  TeF7_,  IF7,  XeF7+.  It  is  shown  that  XeF7+  is  a  stable  structure,  that  all  three 
members  of  this  series  possess  a  pentagonal  bipyramidal  equilibrium  geometry,  and  that  from  the  two  closest  lying 
saddle  point  geometries  only  the  monocapped  trigonal  prism,  but  not  the  monocapped  octahedron,  is  a  transition  state 
for  the  intramolecular  axial-equatorial  ligand  exchange.  The  results  from  a  normal  coordinate  analysis  reveal  the 
existence  of  an  unusual  new  effect  which  counteracts  the  ligand-ligand  repulsion  effect  and  is  characterized  by  axial 
bond  stretching  encouraging  equatorial  bond  stretching.  While  in  TeF7~  the  ligand-ligand  repulsion  effect  dominates, 
in  XeF7+  the  new  effect  becomes  preponderant. 


Introduction 


The  problems  associated  with  heptacoordination  are  manifold 
and  fascinating1'5  and  have  recently  received  significant  renewed 
interest3'1 1  On  the  basis  of  the  hard  sphere  model  of  the  valence 
shell  electron  pair  repulsion  (VSEPR)  rules  of  repelling  points 
on  a  sphere,  the  energetically  preferred  structure  for  a  hepta- 
coordinated  species  is  a  monocapped  octahedron.1-2  Two  other 
structures  that  are  only  slightly  higher  in  energy  are  those  of  a 
monocapped  trigonal  prism  and  a  pentagonal  bipyramid.12'15  A 
study  of  the  relative  total  repulsive  force  between  seven  repelling 
points  of  a  sphere  in  terms  of  the  energy  law 
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where  nj  is  the  distance  between  two  of  the  points  and  n  is  an 
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unknown  constant,  has  indicated13'15  that  the  minimum  energy 
structure  of  these  heptacoordinated  species  is  a  function  of  n.  For 
0  <  n  <  3,  i.e.,  soft  repulsion,  the  pentagonal  bipyramid  is  the 
minimum  energy  structure,  while  for  3  <  n  <  6,  the  monocapped 
trigonal  prism,  and  for  n  >  6,  i.e.,  hard  repulsion,  the  monocapped 
octahedron  are  the  energetically  favored  structures.  Whereas 
these  predictions  seem  to  hold  well  for  heptacoordinated  transition- 
metal  compounds,10  the  presently  known  heptacoordinated  main- 
group  com  pounds,  in  spiteof  their  expected  pronounced  hardness, 
show  a  strong  preference  for  pentagonal  bipyramidal  struc- 
tures.3A*~10  In  view  of  these  findings  it  was  of  interest  to  study 
the  isoelectronic  series  of  main-group  species  XeF7+,  IF7,  TeF7', 
in  which  the  hardness  should  increase  from  TeF7_  to  XeF7+. 

For  the  XeF7+,  IF7,  TeF7'  series,  the  following  information 
was  previously  available.  For  XeF7+,  no  previous  reports  could 
be  found  in  the  literature.  The  IF7  molecule  has  been  known  and 
studied  since  1931, 16  but  a  better  understanding  of  its  charac¬ 
teristic  behavior  was  achieved  only  very  recently.3  The  TeF7~ 
anion  has  been  known  since  1957,17-18  but  again  this  anion  was 
not  well  characterized.  Whereas  some  preliminary  results  on 
TeF7~  were  recently  published  in  three  short  notes,7-9  a  full  account 
and  analysis  of  the  data  have  not  been  presented  before  and  the 
vibrational  assignments  needed  revision. 

In  this  paper,  we  present  data  on  the  novel  XeF7+  cation  and 
a  complete  analysis  of  the  TeF7~  anion  that  firmly  establishes  the 
vibrational  assignments  for  the  isoelectronic  XeF7+,  IF7,  TeF7' 
series.  This  analysis  resulted  in  the  discovery  of  a  highly  unusual 
reversal  of  Raman  intensities  in  the  Aj'  symmetry  block  which 
contains  only  two  orthogonal  and,  hence,  normally  very  weakly 
coupled  stretching  modes.  By  means  of  a  normal  coordinate 
analysis,  the  cause  of  this  intensity  reversal  was  identified  and 
is  attributed  to  a  novel  effect  which  counteracts  the  ligand-ligand 
repulsion  effect.  Furthermore,  ab  initio  and  density  functional 
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theory  calculations  were  used  to  determine  the  relative  energies, 
minimum  energy  structures,  saddle  points,  and  transition  states 
of  the  XeF7+,  IF7,  TeF7_  series.  This  work  completes  our 
systematic  study  of  these  and  similar  heptacoordinated  main- 
group  element  compounds.3-4-6-7'10 

Experimental  Section 

Apparatus  and  Materials.  Volatile  materials  were  handled  in  stainless 
steel-Teflon  and  Pyrex  glass  vacuum  lines,  as  described  previously.6 
Nonvolatile  materials  were  handled  in  the  dry  nitrogen  atmosphere  of  a 
glovebox  (Vacuum  Atmospheres  Model  DLX). 

Literature  methods  were  used  for  the  syntheses  of  N(CH3).»F19  and 
TeF«20  and  the  drying  of  CH3CN  (Caledon).21  Tellurium  hexafluoride 
was  prepared  by  fluorination  of  crude  TeF<  in  a  Monel  reactor  using  a 
50  mol  %  excess  of  elemental  fluorine  under  autogeneous  pressure  at  250 
°C  for  4  h.  Crude  TeF6  was  purified  by  condensation  onto  a  dry  sample 
of  NaF  in  a  stainless  steel  Whitey  cylinder  at  -196  °C  and  stored  at  room 
temperature  for  several  days  prior  to  use. 

Synthesis  of  N(CHj).4TeF7.  Anhydrous  tetramethylammonium  flu¬ 
oride  (0.5125  g,  5.5022  mmol)  was  loaded  into  a  '/2-in.  o.d.  Teflon-FEP 
tube  in  the  dry  box.  The  tube  was  equipped  with  a  Kel-F  valve  and  attached 
to  a  glass  vacuum  line.  Anhydrous  CH3CN  (ca.  3  mL)  was  distilled  onto 
the  N(CHj)«F  at  -196  °C.  The  mixture  was  wanned  briefly  to  25  °C 
in  order  to  dissolve  the  N(CHj)«F,  frozen  to  -78  °C,  and  pressurized 
with  dry  N2  (1.5  atm).  The  tube  was  attached  to  the  metal  vacuum  line 
and  evacuated  at  -196  ®C.  Tellurium  hexafluoride  (5.75  mmol,  4.5  mol 
%  excess)  was  metered  out  into  the  calibrated  vacuum  line  and  condensed 
into  the  FEP  tube  at  -196  °C.  The  reaction  mixture  was  warmed  to  —40 
°C  and  agitated  as  the  CH3CN  and  TeF«  melted.  The  reaction  took 
place  with  formation  of  a  white  precipitate.  In  order  to  ensure  that  the 
reaction  was  complete,  the  mixture  was  wanned  to  25  °C  and  allowed 
to  stand  at  this  temperature  for  10  min.  The  excess  TeF«  and  CH3CN 
solvent  were  pumped  off  in  a  dynamic  vacuum,  leaving  the  N(CH3)«- 
TeF7  as  a  dense  white  powder  (1.7208  g,  93%). 

Nuclear  Magnetic  Resonance  Spectroscopy.  The  19F  and  125Te  NMR 
spectra  were  recorded  unlocked  (field  drift  <0.1  Hz  h'1)  on  a  Broker 
AM-500  spectrometer  equipped  with  an  1 1 ,744-T  cryomagnet.  The  l9F 
spectra  were  obtained  using  a  5-mm  combination  'H/  19F  probe  operating 
at 470.599  MHz.  The  spectra  were  recorded  in  a  32K  memory.  A  spectra] 
width  setting  of 5000  Hz  was  employed,  yielding  a  data  point  resolution 
of 0.305  Hz/data  point  and  an  acquisition  time  of  3.28  s.  No  relaxation 
delays  were  applied.  Prior  to  Fourier  transformation,  the  free  induction 
decay  was  zero-filled  to  128K  of  memory,  giving  a  data  point  resolution 
of 0.076  Hz/data  point.  Typically,  1 6  transients  were  accumulated.  The 
pulse  width  corresponding  to  a  bulk  magnetization  tip  angle,  8 ,  of 
approximately  90°  was  equal  to  1  ps.  No  line  broadening  parameters 
were  used  in  the  experimental  multiplication  of  the  free  induction  decays 
prior  to  Fourier  transformation. 

The  l25Te  NMR  spectra  were  obtained  at  157.794  MHz  by  using  a 
broad-band  VSP  probe  tunable  over  the  range  23-202  MHz.  The  spectra 
were  recorded  in  a  32K  memory.  The  spectral  width  setting  was  25  kHz, 
which  yielded  a  data  point  resolution  of  1.526  Hz/data  point  and  an 
acquisition  time  of  0.655  s.  Prior  to  Fourier  transformation,  the  free 
induction  decay  was  zero-filled  to  64K  of  memory,  giving  a  data  point 
resolution  of  0.763  Hz/data  point  No  relaxation  delays  were  applied. 
Typically  5000  transients  were  accumulated.  The  pulse  width  corre¬ 
sponding  to  a  bulk  magnetization  tip  angle,  0,  of  approximately  90°  was 
equal  to  10  <rs.  A  line  broadening  parameter  of  1.5  Hz  was  applied  to 
the  exponential  multiplication  of  the  free  induction  decay  prior  to  Fourier 
transformation. 

The  spectra  were  referenced  to  neat  external  samples  of  CFCl3(19F) 
and  (CH3hTe(125Te)  at  ambient  temperature.  The  chemical  shift 
convention  used  is  that  a  positive  sign  signifies  a  chemical  shift  to  high 
frequency  of  the  reference  compound. 

NMR  samples  were  prepared  in  10-  or  5-mm  precision  glass  tubes 
(Wiimad).  Solids  were  weighed  into  the  tubes  in  the  dry  box,  and  CHj- 
CN  solvent  was  distilled  in  vacuo  onto  the  solid  at  -78  °C.  The  tubes 
were  flame-sealed  in  a  dynamic  vacuum  while  keeping  the  contents  frozen 
at  -78  °C. 


(19)  Christe,  K.  O.;  Wilson,  W.  W.:  Wilson,  R.  D.;  Bau,  R.;  Feng,  J.  J. 
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Vibrational  Spectra.  Infrared  spectra  of  solid  N(CH3)<TeF7  were 
recorded  on  a  Perldn-Elmer  Model  283  spectrometer.  The  finely  powdered 
sample  was  pressed  between  two  AgBr  disks  in  a  Wilks  minipress  inside 
the  dry  box.  Raman  spectra  were  recorded  on  a  Spex  Model  1403 
spectrophotometer  using  the  647.1-nm  exciting  line  of  a  Kr  ion  laser  and 
baked -out  Pyrex  melting  point  capillaries  as  sample  containers. 

Computational  Methods.  The  electronic  structure  calculations  were 
done  by  both  ab  initio  molecular  orbital  and  density  functional  theories. 
At  the  ab  initio  molecular  orbital  level  effective  core  potentials  (ECP) 
were  used  for  the  core  electrons  on  the  central  atoms.  The  valence  basis 
sets  are  of  polarized  double-d  quality.  The  fluorine  basis  set  is  from 
Dunning  and  Hay,22  and  the  ECP,  from  Wadt  and  Hay,23  including 
relativistic  corrections  and  augmented  by  a  d  function  on  the  central 
atom.24  The  geometries  were  optimized  by  using  analytic  gradient 
techniques25  at  the  SCF  level.26  Final  energies  were  calculated  for  the 
SCF  geometries  at  the  MP-2  level.  The  force  fields  were  calculated 
analytically.27-2*  The  ab  initio  MO  calculations  were  done  with  the 
program  GRADSCF,29  as  implemented  on  a  Cray  YMP  computer  system. 
This  computational  method  generally  underestimates  these  central  atom- 
fluorine  bond  distances  by  about  0.01-0.02  A  and,  hence,  results  in 
vibrational  frequency  and  force  constant  values  which  are  somewhat  too 
high.  Therefore,  the  calculated  values  were  scaled  using  empirical  factors 
to  give  the  best  fit  between  calculated  and  observed  frequencies.  If  the 
deformation  frequencies  showed  significantly  larger  deviations  than  the 
stretching  frequencies,  separate  scaling  factors  were  used  for  the  two 
groups.30  Since  the  force  constants  are  proportional  to  the  square  of  the 
frequencies,  the  calculated  force  constants  were  scaled  by  the  square  of 
the  factors  used  for  scaling  the  corresponding  frequencies. 

The  density  functional  theory  (DFT)31  calculations  were  done  with 
the  program  DGauss,32  which  employs  Gaussian  orbitals  on  a  Cray  YMP 
computer.  Norm-conserving  pseudopotcntials33  were  generated  for  I, 
the  Te  set  for  I,  Te,  and  Xe  by  following  the  work  of  Troullier  and 
Martins.34  The  valence  basis  set  for  I  is  [421  /31/1]  with  a  fitting  basis 
set  of  [7/6/1],  and  the  corresponding  basis  sets  for  Te  and  Xe  have  the 
form  (42/43/1)  with  a  [7/5]  fitting  basis.  The  basis  set  for  F  is  of 
polarized  triple-f  valence  quality  and  has  the  form  (7111/411/1)  with 
a  [7/3/3]  fitting  basis.35  The  calculations  were  done  with  the  local 
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Heptacoordinatiorv  TeFf  and  XeF?+  Ions 

potential  of  Vosko,  Wilk,  and  Nusair^andat  the  self-consistent  nonlocal 
level  with  the  exchange  potential  of  Becke37  together  with  the  correlation 
functional  of  Perdew38  (NLD FT/BP).  Geometries  were  optimized  by 
using  analytical  gradients.32  Second  derivatives  were  calculated  by 
numerical  differentiation  of  the  analytic  first  derivatives.  A  two-point 
method  with  a  finite  difference  of  0.01  au  was  used. 

Results  and  Discussion 

Synthesis.  Although  the  results  of  our  theoretical  calculations 
(see  below)  suggest  that  XeF7+  is  a  stable  species,  its  synthesis 
has  so  far  not  been  achieved  and  is  expected  to  be  very  difficult. 
The  calculated  oxidizer  strength  of  XeF7+  is  almost  identical  to 
that  of  KrF\  which  is  the  strongest  presently  known  oxidative 
fluorinator.39  Therefore,  its  synthesis  from  XeF«  by  oxidative 
fluorination  will  require  an  oxidizer  that  is  stronger  than  KrF*. 
The  synthesis  of  XeF7+  from  XeFg  by  F-  abstraction  will  be 
similarly  difficult  because  XeFg  is  unknown  and  will  also  be  very 
difficult  to  synthesize. 

The  synthesis  of  N(CH3)4TeF7  is  readily  accomplished  by  the 
reaction  of  N(CH3)4F  with  a  moderate  excess  of  TeF«  in  CH3CN 
solution. 

CH,CN 

N(CH3)4F  +  TeF6  —  N(CH3)4TeF7  (1) 

The  use  of  an  excess  of  N(CH3)4F  must  be  avoided  since  it 
results  in  the  formation  of  the  TeFg2-  anion.18  The  compound 
N(CH3)4TeF7  is  a  stable,  white,  crystallinic  material  that  can  be 
recrystallized  from  CH3CN.  Two  independent  single-crystal 
X-ray  diffraction  studies,9-40  have  been  carried  out  and  yielded 
identical  results.  The  TeF7~  anion  in  N(CH3)4TeF7  undergoes 
4-fold  disorder  for  the  five  equatorial  fluorine  ligands.  Although 
these  studies  established  for  TeF7~  a  distorted,  pentagonal 
bipyramidal  structure  in  which  the  axial  bonds  are  shorter  than 
the  equatorial  bonds,  the  remaining  structural  features  were  not 
well  determined  because  of  the  disorder. 

NMR  Spectra  ofTeF7  .  The  ,25Te  NMR  spectrum  ofN (CH3)4- 
TeF7  in  CH3CN  at  30  °C  shows7-*  a  binominal  octet  [i(125Te>, 
327.4  ppm;  '/(125Te-19F),  2876  Hz].  This  demonstrates  the 
equivalence  of  all  seven  fluorine  ligands  on  the  NMR  time  scale 
due  to  a  rapid  intramolecular  exchange  mechanism  which  cannot 
be  frozen  out  on  cooling  the  sample  down  to  -48  °C,  the  freezing 
point  of  the  CH3CN  solution.  The  l25Te  chemical  shift  of  TeF7~ 
is  significantly  more  shielded  (i.e.,  by  217.8  ppm)  than  that  of 
TeF«  in  CH3CN  at  30  °C  [«(125Te),  545.2  ppm;  >/(125Te-I9F), 
3746  Hz],  and  this  is  in  accord  with  the  expected  trend  of 
increasing  shielding  with  increasing  negative  charge.41 

The  19F  NMR  spectrum  of  N(CH3)4TeF7  in  CH3CN  at  30  °C 
(Figure  1)  is  also  consistent  with  the  TeF7~  anion  undergoing  a 
rapid  intramolecular  exchange  process  and  displays  a  single 
environment  [3(19F),  16.1  ppm]  flanked  by  natural  abundance 
(7.14%)  125Tc[l7(19F-125Te,2876Hz]  and  (0.908%)  12iTe[‘y(19F- 
123Te),  2385  Hz]  satellites.  The  isoelectronic  IF7  molecule  displays 
similar  fluxional  behavior  and  a  single  environment  in  the  19F 
NMR  spectrum.42  At  an  external  field  strength  of  1 1 .744  T,  the 
high-resolution  19F  NMR  spectrum  of  the  central  line  of  the 
TeF7‘  resonance  (Figure  2)  displays  the  isotopic  shift  pattern 
arising  from  19F  ligands  bonded  to  the  natural  abundance  spinless 
tellurium  isotopes  in  the  130TeF7~  (33.80%),  128TeF7_  (31.69%), 
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Figure  1.  19F  NMR  spectrum  (470.599  MHz)  of  N(CH3)4TeF7  in  CH3- 
CN  solution  at  30  °C. 
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Figure  2.  High-resolution  I9F  NMR  spectrum  (470.599  MHz)  of  the 
central  line  of  TeFr". 

126TeF7-  (18.95%),  ,24TeF7-  (4.82%),  and  122TcF7-  (2.60%) 
isotopomers.  With  every  increase  of  two  mass  units,  each 
isotopomer  is  shifted  successively  to  low  frequency  by 1  A19F(Te) 
=  -0.0042  ppm.  This  value  is  essentially  identical,  within 
experimental  error,  with  values  obtained  for  TeF*  and  various 
OTeFs  derivatives.43  The  19F  chemical  shift  of  TeF7*is  deshielded 
by  67.4  ppm  with  respect  to  that  of  TeF$  in  CH3CN  at  30  °C. 
The  pentagonal  planes  of  fluorine  ligands  in  the  XeFs"  and  IOF«_ 
anions  show  similar  high-frequency  chemical  shifts  which  have 
been  suggested  to  arise  from  a  low-energy  HOMO  excitation  in 
the  paramagnetic  contribution  to  the  19F  shielding  constant  in 
these  anions.6-10  In  TeF7_,  the  observed  19F  chemical  shift 
represents  a  weighted  average  of  the  F„  and  F«,  chemical  shifts 
(eq  2). 

5(,9F)av  =  2/7«(,9F„)  +  5/7«(%)  (2) 

Nevertheless,  the  fact  that  this  chemical  shift  occurs  at  signif¬ 
icantly  higher  frequency  than  that  of  TeF«  supports  the  idea  that 
the  five  equatorial  fluorines  in  TeF7~  have  a  higher  frequency  19F 
shift  than  the  two  axial  fluorines,  since  the  former  will  contribute 
the  larger  weighting  to  the  average  chemical  shift.  In  fact,  it  is 
possible  to  estimate,  to  a  first  approximation,  the  individual 
chemical  shifts  of  the  F„  and  F^  environments  of  TeF7"  in  the 
absence  of  exchange.  The  chemical  shift  of  the  F„  environment 
may  be  estimated  from  an  observation  made  from  the  19F  NMR 
spectrum  of  IOF$',  in  which  it  is  found  that  the  chemical  shift 
of  the  F-lrans-to-O  environment  occurs  very  close  to  the  F-trans- 
to-0  environments  in  the  octahedral  IOF5  and  cis-10JF*~  species.4 
This  is  not  surprising  since  the  nature  of  the  sp*  hybrid  bonding 
in  the  F„ — 1=0  moiety  changes  little  as  compared  with  that  for 
the  equatorial  fluorines  on  going  from  IOF5  to  IOF6-  (i.e.,  from 
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Table  I.  Observed  and  Calculated  Vibrational  Spectra  of  Isoelectronic  TeF7",  IF?,  and  XeF7+ 


assignment 
in  point 
group  Du, 

approximate 

mode 

description 

TeF," 

IF, 

XeF,+ 

obsd 

freq,  cm"1 
(intens) 

ealed 
freq,  cm"1 
(IR  intens) 

obsd 

freq,  cm"1 
(intens) 

ealed 
freq,  cm"1 
(IR  intens) 

ealed 
freq,  cm"1 
(IR  intens) 

Ra  IR 

SCF" 

NLDFT4 

Ra  IR 

SCF‘ 

NLDFP 

SCF* 

NLDFT1' 

A,' 

•'i 

p  sym  XF2  ax 

640(10) 

644.6 

648  (0) 

676  (2) 

673 

670  (0) 

681.6 

684  (0) 

n 

v  sym  XFj 

597  (2.6) 

595.7 

596  (0) 

635  (10) 

644 

621  (0) 

625.8 

620  (0) 

eq  inphase 

A/' 

P} 

v  asym  XF2  ax 

699  vs 

703.0 

713(147) 

746  s 

753 

752 (129) 

757.1 

776  (88) 

VA 

S  umbrella  XFj  eq 

335  ms 

336.7 

342  (51) 

365  s 

368 

366  (37) 

361.6 

360  (23) 

E,' 

v  asym  XF5  eq 

625  vs 

618.4 

614  (220) 

670  vs 

681 

658  (232) 

688.1 

677  (158) 

i  sciss  XF2  ax 

385  s 

387.7 

377 (306) 

425  vs 

441 

418(204) 

438.6 

416(137) 

*7 

6asymXF5 

not  obsd 

236.5 

238  (0.1) 

257  w 

265 

267  (0-2) 

270.1 

267  (0) 

eq  in-plane 

E," 

n 

S  wag  XF2  ax 

295  (0.5)  br 

291.4 

297  (0) 

319(0.6) 

320 

322(0) 

318.4 

320  (0) 

E2' 

*9 

mixture  of  5 

not  obsd 

521.1 

523  (1.0) 

596  (0.2) 

605 

606(0) 

621.1 

617  (0) 

sciss  XFj 

in-plane  and 

p  asym  XFj  eq 

►10 

458(1.6) 

442.5 

444(11) 

510(1.7) 

515 

508  (0) 

541.0 

539  (0) 

Ej" 

vn 

i  pucker  XF5 

52.9 

59(0) 

[68] 

59 

82(0) 

81.6 

90(0) 

*  Scaling  factors  used:  TeF7",  stretching  modes  =  0.9293,  deformation  modes  =  0.88 10;  IF7,  all  modes  =  0.9320;  XeFj+,  all  modes  =  0.93.  4  Scaling 
used:  stretching  modes,  +38  cm-1;  deformation  modes,  -38  cm"1;  for  the  scaling,  09  was  treated  as  the  deformation  mode  and  vioas  the  stretching  mode 
in  agreement  with  their  PED.  c  Scaling  used:  stretching  modes,  +30  cm"1;  deformation  modes,  -10  cm-1;  V9  and  rI0  are  almost  equal  mixtures  of 
stretching  and  bending  and  both  were  scaled  as  stretching  modes.  *  Scaling  used:  stretching  modes,  +35  cm"’;  deformation  modes,  -15  cm"1;  and 
**10  were  both  scaled  as  stretching  modes. 


FREQENCY,  cm'1 

Figure  3.  Infrared  (trace  A)  and  Raman  (trace  B)  spectra  of  solid 
N(CH  j)4TeF7  recorded  at  room  temperature.  The  Raman  bands  marked 
by  TMA  are  due  to  the  N(CH3)4+  cation. 

two  three-center  4-electron  bonds  to  a  six-center  1 0-electron  bond 
system),  as  has  been  demonstrated  by  recent  ab  initio  calculations.4 
If  the  ideas  behind  the  above  19F  shift  observation  are  extrapolated 
to  other  pentagonal  bipyramidal  fluoro  anions,  then  it  can  be 
anticipated  that  the  F„  environment  of  TeF7-  will  have  an  l9F 
chemical  shift  close  to  that  of  TeF*  (i.e.,  -5 1.3  ppm).  Substitution 
of  this  value  and  the  observed  average  ,9F  chemical  shift  for 
TeF7~  into  eq  2  allows  the  chemical  shift  of  F^  to  be  estimated 
as  43  ppm.  A  similar  calculation  may  be  performed  for  IF7  by 
using  the  observed  average  l9F  chemical  shift  for  IF7[i(l9F),  1 72 


ppm)44  and  assuming  that  6(F„)  will  be  close  to  the  l9F  chemical 
shift  ofIF6+[5(I9F),  73  ppm].45  This  yields  the  19F  chemical  shift 
for  the  Feq  environment  of  IF7  as  212  ppm. 

The  magnitude  of  the  one-bond  12STe-19F  coupling  constant 
drops  from  3746  Hz  in  TeFt  to  2876  Hz  in  TeF7".  The  latter 
represents  the  average  value  of  the  1/(125Te-1,F„)  and 
Te-^F^)  couplings,  and  its  smaller  magnitude  probably  reflects 
a  correspondingly  small  value  for  1./(125Te-1,Feq)  arising  from 
the  weaker,  more  polar  Tc-F„,  bonds  in  the  TeF7"  anion. 

Vibrational  Spectra  of  T eF7".  The  infrared  and  Raman  spectra 
of  solid  N(CH3)4TeF7  are  shown  in  Figure  3.  In  addition  to  the 
bands  due  to  TeF7",  that  are  denoted  in  Figure  3  by  their  frequency 
values,  bands  due  to  the  N(CH3)4+  cation  have  been  observed, 
which  are  denoted  by  TMA.  Since  the  vibrational  spectra  of 
N  (CH3)4+  are  well-known  and,  for  N (CH3)4TeF7,  are  completely 
analogous  to  those  previously  reported  and  analyzed  for  the 
N(CHj)4+  salts  of  F",19  HFz",44  XeF5",6  IOF6",4  TeOF5-,10 
TeC)F62",10  or  N3",47  only  the  bands  due  to  TeF7"  need  to  be 
analyzed.  This  goal  was  accomplished  by  a  comparison  of  the 
observed  spectra  with  those3  of  isoelectronic  IF7  and  those 
calculated  for  the  isoelectronic  series  XeF7+,  IF7,  TeF7"  by 
theoretical  methods  (see  Table  I). 

Theoretical  Calculations  for  XeF7+,  IF7,  and  TeF7".  The 
electronic  structure  calculations  were  done  by  both  ab  initio 
molecular  orbital  and  density  functional  theories.  The  results 
are  summarized  in  Tables  I  and  II.  There  is  only  a  small  effect 
of  correlation  on  the  energy  differences  for  IF7  and  TeF7",  but 
there  is  a  larger  effect  for  XeF7+.  The  size  of  the  correlation 
correction  to  the  energy  difference  seems  to  follow  the  congestion 
in  the  plane  with  the  most  congested  structure  XeF7+  having  the 
largest  correlation  energy  effect.  It  should  be  noted  that  the 
iodine  pseudopotential  for  the  self-consistent  nonlocal  density 
functional  calculation  was  very  difficult  to  generate  due  to  the 
presence  of  “ghost”  states. 

Since  the  geometry  and  vibrational  frequencies  of  IF7  are  well 
established,3-48  the  quality  of  our  calculations  can  readily  be 
examined.  As  can  be  seen  from  Table  II,  the  use  of  a  nonn- 

(44)  Recorded  for  this  work  as  a  neat  sample  at  25  aC. 

(45)  Brownstein,  M.;  Selig,  H.  Inorg.  Chem.  1972,  11,  656. 

(46)  Wilson,  W.  W.;  Christe,  K.  O.;  Feng,  J4  Ban,  R.  Can.  J.  Chem.  1989, 
67,  1898. 

(47)  Christe,  K.  O.;  Wilson,  W.  W.;  Bau,  R.;  Bunte,  S.  W.  J.  Am.  Chem. 
Soc.  1992,  IN,  3411. 


Heptacoordinatiorv  TeFf  and  XeFy*  Ions 

Table  n.  Observed  and  Calculated  Du,  Geometries  of  TeF,-,  IF7,  and  XeF, 
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TeF,- 

IF, 

XeF,+ 

obsd 

ealed 

ealed 

ealed 

SCF 

NLDFT0  obsd 

SCF 

NLDFT  SCF 

NLDFT 

r(X-F„),A 

1.790(17) 

1.801 

1.769  1.781 

1.771 

1.781  1.773 

1.778 

riX-Feq),  A 

1 .832(20)-!  .903(39) 

1.872 

1.864  1.857 

1.833 

1.856  1.830 

1.850 

«  The  bond  lengths  calculated  by  the  NLDFT  method  are  usually  slight  longer  than  those  obtained  by  the  SCF  method.  The  shorter  values  calculated 

by  the  NLDFT  method  for  TeF7~  are  attributed  to  our  difficulties  of  obtaining  a  good  pseudopotential  for  tellurium. 

Table  HI.  Total  Energies  (au),  Zero-Point  Energies  (kcal/mol)  and  Imaginary  Frequencies  (cm-1)  for  the  Pentagonal  Bipyramidal  (PB), 

Monocapped  Trigonal  Prismatic  (MTP),  and  Monocapped  Octahedral  (MO)  Structures  of  TeF7~,  IF7,  and  XeF?+ 

MP-2 

SCF 

NLDFT/BP 

structure 

total  energy0 

total  energy 

zero-pt  energy* 

imag  freq 

total  energy 

imag  freq 

TeF7-  (PB) 

-705.555  318 

-704.187  658 

10.46 

none 

-707.703  843 

none 

TeF7-  (MTP) 

-705.550  267 

-704.181  746 

10.47 

89 

-707.701  802 

93 

TeF7-  (MO) 

-705.549  676 

-704.181  149 

10.41 

64e 

-707.697  625 

77e 

IF,  (PB) 

-708.412  369 

-707.033  247 

11.34 

none 

-710.653  843 

none 

IF7  (MTP) 

-708.408  298 

-707.027  062 

11.38 

93 

-710.650  508 

94 

IF7  (MO) 

-708.407  948 

-707.026  454 

11.32 

67e 

-710.648  087 

75e 

XeF7+  (PB) 

-711.696  478 

-710.267  925 

11.54 

none 

-714.049  856 

none 

XeF7+  (MTP) 

-711.690  749 

—710*258  962 

11.49 

108 

-714.044  235 

99 

XeF7+(MO) 

-711.690450 

-710258116 

11.42 

78e 

-714.042066 

79e 

0  Valence  electrons  only.  *  Scaled  by  0.9. 


Table  IV.  Relative  Energies  (kcal/mol)  for  the  Pentagonal 
Bipyramidal  (PB),  Monocapped  Trigonal  Prismatic  (MTP),  and 
Monocapped  Octahedral  (MO)  Structures  of  TeF,-,  IF7,  and  XeF7+. 


structure 

MP-2 

SCF 

NLDFT/BP 

TeF,-(PB) 

0 

0 

0 

TeF,- (MTP) 

32 

3.7 

1.3 

TeF,- (MO) 

35 

4.1 

3.9 

IF,  (PB) 

0 

0 

0 

IF,  (MTP) 

2.6 

3.9 

2.1 

IF,  (MO) 

2.8 

4.3 

3.6 

XeF,+  (PB) 

0 

0 

0 

XeF,+  (MTP) 

3.6 

5.6 

3.5 

XeF,+  (MO) 

3.8 

6.2 

4.9 

conserving  pseudopotential  for  the  central  atom  combined  with 
the  exchange  potential  of  Becke37  and  the  nonlocal  correlation 
functional  of  Perdew38  at  the  self-consistent  nonlocal  level 
(NLDFT/BP)  exactly  duplicates  the  experimental  geometry  of 
IF,,  while  the  ab  initio  SCF  calculations  using  effective  core 
potentials  also  result  in  a  geometry  which  is  close  to  the  observed 
one.  The  scaled  calculated  frequencies  obtained  by  both  methods 
are  also  in  excellent  agreement  with  each  other  and  the 
experimental  values  (see  Table  I)  and  demonstrate  the  quality 
of  both  types  of  calculations.  The  agreement  between  the  scaled 
SCF  and  NLDFT/BP  frequencies  is  also  very  good  for  TeF,- 
and  XeF7+  (see  Table  I),  and  for  TeF,-,  the  calculated  frequencies 
duplicate  well  the  observed  ones. 

As  has  been  pointed  out  already  in  the  Introduction,  three 
structures  which  are  very  close  in  energy15  exist  for  these 
heptacoordinated  compounds.  It  was  therefore  of  interest  to 
calculate  the  total  and  relative  energies  of  these  structures  (see 
Tables  III  and  IV)  and  to  determine  their  nature  on  the 
corresponding  potential  energy  surfaces.  Our  results  show  that 
for  all  three  members  of  the  XeFj+,  IF,,  TeF,-  series  the  pentagonal 
bipyramid  is  the  minimum  energy  structure,  followed  by  the 
monocapped  trigonal  prism  and  the  monocapped  octahedron. 
Furthermore,  they  show  that  with  increasing  hardness,  i.e.,  on 
going  from  the  TeF,-  anion  to  the  smaller  IF7  molecule  and  XeF7+ 
cation,  the  energy  gaps  between  the  pentagonal  bipyramid  and 
the  monocapped  trigonal  prism  become  larger  and  not  smaller, 
as  predicted  by  the  energy  law  (1)  of  repelling  points  on  a 

(48)  Adams,  W.  J.;  Bradford  Thompson,  H.;  Bartel],  L.  S.  J.  Chem.  Phys. 
1970,  S3,  4040. 


sphere.13-15  This  confirms  our  previously  reached  conclusion3-4 
that  the  pentagonal  bipyramidal  minimum  energy  structure  of 
these  heptacoordinated  main  group  fluorides  is  not  dictated  by 
the  hardness  of  the  valence  shell  electron  pair  repulsion  potential 
but  by  the  geometry  of  the  valence  electron  orbitals  on  the  central 
atom. 

Furthermore,  our  results  show  that  the  monocapped  octahedron 
possesses  a  degenerate  imaginary  frequency  and  thus  cannot  be 
a  transition  state.  The  monocapped  trigonal  prism  has  only  one 
imaginary  frequency  and,  thus,  is  a  transition  state.  Examination 
of  the  motion  exhibited  by  the  mode  with  the  imaginary  frequency 
shows  that  it  is  the  motion  expected  for  converting  an  axial  F  into 
an  equatorial  F.  In  fact,  for  XeF7+,  if  the  convergence  is  tightened 
in  the  geometry  optimization,  the  monocapped  trigonal  prism 
can  relax  to  the  pentagonal  bipyramid.  The  small  energy 
differences  between  the  three  lowest  energy  structures  are  in 
accord  with  the  NMR  experiments  in  which  only  one  type  of 
fluorine  was  observed,  suggesting  a  low  energy  barrier  toward 
axial-equatorial  ligand  exchange. 

Normal  Coordinate  Analysis.  The  above  given  results  from 
the  theoretical  calculations  and  their  close  agreement  with  the 
experimental  vibrational  spectra  firmly  establish  their  assign¬ 
ments.  Inspection  of  Table  I  shows  the  expected  frequency  trends, 
i.e.,  a  significant  frequency  increase  with  decreasing  negative 
charge  on  the  fluorine  ligands  which,  on  going  from  IF7  to  XeF7+, 
is  partially  counteracted  by  the  fact  that  Xe-F  bonds  are  generally 
weaker  than  the  corresponding  I-F  bonds.  The  assignments  for 
TeF7-  given  in  Table  I  differ  for  m,  vj,  v?,  and  r,0  from  those 
tentatively  made7  in  the  absence  of  theoretical  calculations. 

A  particularly  interesting  and  originally  most  perplexing 
problem  was  making  the  assignments  in  the  A,'  block.  This  block 
contains  only  two  modes,  the  symmetric  axial  and  the  symmetric 
equatorial  stretching  modes,  and  j>2,  respectively.  Since  their 
motions  are  orthogonal  (Gn  =  0)  and  the  central  atom  is  much 
heavier  than  the  fluorine  ligands,  the  two  vibrations  were  expected 
to  be  highly  characteristic  and  analogous  for  IF?  and  TeF,-. 
However,  the  observed  Raman  bands  (i.e.,  IF7, 676 cm-1  (Raman 
intensity  of  2),  635  cm-1  (Raman  intensity  of  10);  TeF,-,  640 
cm-1  (Raman  intensity  of  10),  597  cm-1  (Raman  intensity  of 
2.6))  show  that  either  their  relative  frequencies  or  their  intensities 
are  reversed.  Since  generally  the  relative  intensities  are  the  more 
reliable  guide  for  making  assignments,  we  had  assigned  in  our 
preliminary  note7  the  more  intense  Raman  bands,  at  635  cm-1 
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Table  V.  Scaled  SCF  Force  Fields"  of  the  Isoelectric  Series  TeF7~,  IFj,  XeF7+ 


TeF7* 

IF, 

XeF7+ 

assignment 

freq, 

cm*1 

symmetry 
force  constants 

PED 

freq, 

cm*1 

symmetry 
force  constants 

PED 

freq, 

cm*1 

symmetry 
force  constants 

PED 

A,' 

v\ 

644.6 

Fn  =4.460 

Fn  =  0.304 

725,  +  285: 

673 

F„  =  5.063 

Fi2  = -0.0058 

1005, 

681.6 

Fn  =  5.134 

F,2  = -0.218 

925,  +  852 

n 

595.7 

Fn  =  4.160 

7252  +  285] 

644 

Fn  =  4.651 

1005j 

625.8 

F22  =  4.445 

9252  +  85, 

Ai" 

*3 

703.0 

F33  =  4.361 

Fu  =  0.378 

9353  +  7 St 

753 

Fjj  =  4.947 

Fit  =  0.342 

9253  +  8 St 

757.1 

F33  =  4.958 

Fj4  =  0.206 

9153  +  954 

PA 

336.7 

F«  =  1.413 

1005< 

368 

F44=  1-624 

1005< 

361.6 

F44  =  1.582 

10054 

E,' 

PS 

618.4 

FJS  =  3.429 

F*  =-1.261 
F57  =  0.278 

985j  +  257 

681 

Fjs  =  4.105 

Fa  =  -1.427 

Fn  =  0.231 

97 Ss  +  3  57 

688.1 

Fjj  =  4.162 

Fs6  = -1.319 

Fj7  =  0.126 

95Ss  +  45*6  +  IS7 

P6 

387.7 

Ftt  =  3.137 

Ftl  =  -0.300 

5  6St  +  3557  +  95s 

441 

Fu  =  3.879 

F„  =  -0.318 

625«  +  3357  +  55s 

438.6 

Fu  =  3.799 

Ft 7  =  -0.276 

645«  +  3357  +  3 Ss 

n 

236.5 

Fn  =  0.828 

9257  +  85« 

265 

Fn  =  0.980 

9357  +  7 S6 

270.1 

Fn  =  1.021 

9257  +  756  +  15j 

E," 

n 

291.4 

Fu  =  0.708 

1005s 

320 

Fu  =  0.823 

1005s 

318.4 

Fu  =  0.815 

1005, 

E/ 

P9 

521.1 

F99  =  2.218 
^9,10  “  0.468 

775i0+2359 

605 

F99  =  3.436 

F9.10  =  0.531 

575,0  +  435, 

621.1 

F99  =  3.976 

F,  ,o  =  0.462 

685,  +  325,o 

Pio 

442.5 

F’io.io  —  3.007 

76S9  +  24510 

515 

F,ojo=  3.375 

6159  +  395io 

541.0 

FIOjo  =  3.334 

70SlO  +  30459 

E/' 

P\\ 

52.9 

Fuji  =  0.0548 

1005,, 

59 

Fuji  =  0.0647 

1005n 

81.6 

Fan  =  0.125 

1005,, 

‘  The  symmetry  coordinates  are  identical  to  those  used  in  ref  8  for  IF7;  i.e.  Si  =  sym  ax  stretch,  S2  =  sym  eq  stretch,  59  =  asym  eq  stretch,  5,o 
=  6  asym  XFj  in-plane.  Stretching  force  constants  in  mdyn/A,  deformation  constants  in  mdyn  A/rad2,  and  stretch-bend  interaction  constants  in 
mdyn/rad.  The  following  scaling  factors  were  used  for  the  force  constants.  TeF7~:  stretching  force  constants  =  (0.9293)2  =  0.8636;  deformation 
constants  =  (0.881)1  =  0.776  16;  stretch-bend  interaction  constants  =  (0.9293  X  0.881)  =  0.8187.  IF7:  all  constants  =  (0.932)2  =  0.8686.  XeF7+: 
all  constants  =  (0.93)2  =  (0.8649). 

Table  VL  Detailed  Normal  Coordinate  Analysis  of  the  Ai'  Blocks  of  TeFf,  IF7,  and  XeF7+ 


TeF7“ 

if7 

XeF7+ 

vi 

v2 

Vj 

v2 

Vl 

v2 

ESSZtSIEiSHH 

644 

595.7 

673 

644 

681.6 

625.8 

obsd  rel  Ra  intens 

10 

2.6 

2 

10 

— 

— 

interaction  force 
constant  Fi2 
(mdyn/A) 

+0.304 

-0.006 

-0.218 

potential  energy 
distribution  (%) 

72  axial  str. 

+  28  equaL  str. 

72  equaL  str. 

+  28  axial  str. 

100  axial  str. 

100  cquat.  str. 

92  axial  str. 

+  8  equat  str. 

92  equat  str. 

+  8  axial  str. 

internal  coordinate 
displacement  vectors 

0.849  Si  + 

0.528  S2 

0.849  S2  - 
0.528  S, 

1.0S, 

BHi 

0.960  S2  + 

0.278  S, 

approximate  mode 
description 

in-phase 
combination  of 
S,  and  S2 

out-of-phase 
combination  of 
S2  and  Sj 

pure  Sj 

I 

t 

pure  S2 

out-of-phase 
combination  of 
Sj  and  S2 

in-phase 
combination  of 

S2  and  S, 

qualitative  estimate 
of  rel  Ra  intens 

2(0.849)  + 
5(0528)  = 
4.329 

2(1)  =  2 

5(1)  =  5 

2(0.96)  - 
5(0/278)  = 
0.53 

5(0.96)  + 
2(0.278)  = 
5.356 

in  IF7  and  640  cm-1  in  TeF7~,  to  the  symmetric  equatorial  stretch 
and  the  less  intense  ones,  at  676  cm-1  in  IF7  and  597  cm-1  in 
TeF7*,  to  the  symmetric  axial  stretch.  The  results  of  our  ab  initio 
force  field  calculations  and  normal  coordinate  analysis  (see  Table 
V),  however,  clearly  show  that  in  IF7  and  TeF7~  the  676  and  640 
cm-1  Raman  bands,  respectively,  are  the  symmetric  axial  stretches 
and  the  635  and  597  cm*1  bands,  respectively,  are  the  symmetric 
equatorial  stretches.  Consequently,  it  is  the  relative  Raman 
intensities  of  v,  and  v2  and  not  their  frequencies  that  are  reversed. 

This  intensity  reversal  can  be  rationalized  by  a  more  detailed 
inspection  of  the  normal  coordinate  analysis  data  for  the  A/ 
blocks  of  XeF7+,  IF7,  and  TeF7~  (see  Table  VI).  In  IF7,  the  F\2 
interaction  force  constant  is  essentially  zero,  v,  and  v2  are  pure 
axial  and  equatorial  stretching,  respectively,  and  the  equatorial 
stretching  mode,  which  involves  five  fluorine  ligands,  has  a  higher 
Raman  intensity  than  the  axial  one,  which  involves  only  two 
fluorines.  In  TeF7~,  the  F,2  interaction  force  constant  has  a 
substantial,  positive  value  which  results  in  pi  and  pj  becoming 
72/28%  and  28/72%  mixtures  of  axial  and  equatorial  stretching, 
respectively.  The  signs  of  the  internal  displacement  vectors  show 


that,  in  TeF7*,  vi  is  an  in-phase  combination  of  the  symmetry 
coordinates  Si  and  S2  and  v2  their  out-of-phase  combination.  The 
lower  frequency  and  energy  of  the  out-of-phase  combination  is 
in  accord  with  our  expectations  from  mutual  ligand  repulsion 
arguments  that  a  shortening  of  the  equatorial  bonds  should  result 
in  increased  repulsion  and,  therefore,  in  a  lengthening  of  the 
axial  bond.  This  same  feature  has  previously  been  found  and 
discussed  for  the  A/  block  of  the  closely  related,  trigonal 
bipyramidal  PF5  molecule  of  £>3*  symmetry.30 

For  XeF7+,  the  situation  is  reversed,  i.e.,  Fn  becomes  negative 
and,  as  a  result,  axial  stretching  encourages  equatorial  stretching. 
The  exact  nature  of  this  effect,  which  is  opposite  to  the  mutual 
repulsion  effect,  is  not  entirely  clear  at  this  time  but  is  believed 
to  be  electronic  in  nature.  It  seems  to  increase  with  an  increasing 
positive  charge  on  the  species,  i.e.,  in  the  direction  TeF7*  -*  IF7 
—  XeF7+. 

The  internal  relationships  between  the  diagonal  and  interaction 
force  constants,  the  potential  energy  distribution,  and  in-phase 
and  out-of-phase  combinations  of  the  symmetry  coordinates  for 
the  A/  blocks  of  these  Dnt  bipyramidal  molecules  can  be  more 
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fully  understood  by  an  inspection  of  the  plots  of  the  diagonal 
force  constants  Fn  and  F22  ns  functions  of  their  interaction 


constant  Fn-  The  possible  solutions  of  Fn  and  F22  have  the  form 
of  ellipses  whose  centers  for  the  off-diagonal  kinetic  energy  term 
Gn  being  zero,  as  is  thecase  for  these  A*  molecules,49  are  located 
on  the  Fa  axis.50 

From  this  graph,  it  is  obvious  that,  for  Gn  =  0,  Fn  does  not 
also  automatically  become  zero,  as  has  sometimes  been  incorrectly 
assumed  in  previous  force  field  calculations.  If  Fn  =  0,  then  F 1 1 
and  F22  are  a  maximum  and  a  minimum,  respectively,  and  n  and 
V2  are  100%  characteristic  vibrations,  i.e.,  no  mixing  of  the 
symmetry  coordinates  occurs,  as  is  the  case  for  IF7.  If  Fn  is 
nonzero,  the  numerical  values  of  Fu  and  F22  depend  only  on  the 
sizeof  Fn  but  not  on  its  sign.  The  sign  of  Fn,  however,  determines 
whether  v\  or  v2  is  the  inphase  combination  of  the  symmetry 
coordinates  Sx  and  S2  and,  therefore,  determines  their  relative 
Raman  intensities.  A  negtive  Fn  value  results  in  the  higher 
frequency  vibration  being  the  out-of-phase  combination  of  Si 
and  S2  and  having  a  decreased  Raman  intensity.  This  logic  is 
confirmed  by  the  rough  estimates  of  the  relative  Raman  intensities 
of  vi  and  v2,  made  in  Table  VI  under  the  assumption  that  the 
polarizabilities  of  the  equatorial  and  the  axial  fluorine  ligands 
are  identical.  These  rough  estimates  are  in  reasonable  agreement 
with  the  relative  Raman  intensities  observed  for  TeF7~  and  IF7 

(49)  Ohwada,  K.  Spectrochim.  Acta,  Part  A  1981,  37A,  873. 

(50)  Sawodny,  W.  J.  Mol.  Spectrosc.  1969,  30,  56. 


and  confirm  the  observed  intensity  reversal.  Unfortunately,  the 
ultimate  question,  what  makes  Fn  change  its  sign  on  going  from 
TeF7-  to  XeF7+,  cannot  be  answered  with  confidence  at  this  time. 

One  final  observation  for  the  XeF7_,  I F7,  TeF7+  series  concerns 
the  identities  of  the  antisymmetric  equatorial  stretching  mode  v9 
and  the  equatorial  in-plane  deformation  «io-  As  can  be  seen  from 
the  potential  energy  distributions  of  Table  V ,  these  two  vibrations 
have  similar  frequencies  and  are  strongly  mixed.  In  TeF7~,  the 
stretching  vibration  has  the  lower  frequency,  whereas  in  XeF7+, 
it  has  the  higher  frequency.  The  fact  that  in  TeF7~  the  frequency 
and  antisymmetric  stretching  force  constants  drop  below  those 
of  the  antisymmetric,  in-plane  deformation  can  be  explained  by 
the  lengthening  and  weakening  of  its  equatorial  Te-F  bonds  due 
to  the  formal  negative  charge  which  increases  the  ionicity  of 
these  bonds. 

Conclusion 

The  results  of  this  study  show  that  for  all  three  members  of 
the  isoelectronic  XeF7+,  IF7,  TeF7“  series  the  pentagonal  bipyramid 
is  the  minimum  energy  structure  and  the  monocapped  trigonal 
prism  is  a  transition  state.  This  finding  supports  our  previous 
proposal3,4,10  that  the  pronounced  preference  of  heptacoordinated 
main-group  element  compounds  for  pentagonal  bipyramidal 
structures  is  not  caused  by  their  relative  hardness  but  is  best 
explained  by  the  geometry  of  the  valence  electron  orbitals  of 
their  central  atoms.  This  geometry  is  the  result  of  a  bonding 
scheme  involving  a  planar,  delocalized  pxy  hybrid  of  the  central 
atom  for  the  formation  of  five  equatorial,  semi-ionic,  six-center 
10-electron  bonds  and  an  sp*  hybrid  for  the  formation  of  two 
mainly  covalent  axial  bonds.3  In  addition,  the  Raman  intensities 

in  theAi'blockofTeF7-andIF7exhibitan  unprecedented  intensity 

reversal,  which  suggests  the  existence  of  an  electronic  effect  which 
counteracts  the  intuitively  obvious  ligand-ligand  repulsion  effect 
of  axial  bond  shortening  encouraging  equatorial  bond  lengthening. 
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Abstract  Ab  initio  and  density  functional  theory  calculations  were  carried  out  for  IOFs  and,  together  with  experimental 
and  ab  initio  data  for  isoelectronic  TeOFr,  suggest  that  the  axial  and  the  equatorial  I-F  bonds  of  IOF5  are  of  comparable 
lengths  and  that  the  O-I-F*,  bond  angle  is  close  to  97.2°.  Using  these  two  constraints  and  the  previously  published 
I16OF5  and  I18OF5  microwave  data,  the  structure  of  IOFj  was  determined  as  rl-O  =  1.725  A,  rI-F„  =  rI-F«,  =  1.826 
A,  and  zOIFo,  =  97.2°.  The  finding  that  the  axial  I-F  bond  length  is  comparable  to  the  equatorial  one  eliminates 
the  need  for  invoking  for  IOF5  either  a  “secondary  relaxation  effect”  which  lengthens  the  fluorine  bond  in  the  trans 
position  to  a  doubly  bonded  oxygen  ligand  or  a  “trans  effect”  which  shortens  this  bond. 


Introduction 

The  high  symmetry,  C**  of  IOF5  renders  its  structure 
determination  very  difficult.  Thus,  microwave  spectroscopy 
provides  only  one  rotational  constant1-3  because  there  is  no  dipole 
moment  change  on  rotation  about  the  fourfold  z-axis  and  an 
identical  change  on  rotation  about  either  the  x-  or  y-axes. 
Furthermore,  its  nearly  identical  bond  distances  result  in  a  severe 
overlap  of  peaks  in  the  radial  distribution  curve  from  the  electron 
diffraction  data.4  In  spite  of  these  enormous  difficulties,  Bartell, 
Clippard,  and  Jacob  reported4  in  1 976,  on  the  basis  of  a  combined 
electron  diffraction-microwave  study,  the  following  structure  for 
IOFj. 


The  surprising  and  unusual  feature  of  this  structure  is  the 
axial  I-F  bond  being  0.046  A  longer  than  the  equatorial  ones. 
To  explain  this  feature,  Bartell  and  co-workers  invoked  a  novel 
“secondary  relaxation  effect”  that  greatly  outweighs  the  primary 
repulsion  effects.  The  assumption  that  a  repulsion  effect  on  a 
bond  which  is  two  bonds  removed  from  the  repelling  ligand  should 
be  so  much  stronger  than  that  exercised  on  the  neighboring  bonds 
is  very  difficult  to  rationalize.  It  was  also  contrary  to  the  results 
from  a  previous  force  field  calculation5  by  Smith  and  Begun,  who 
concluded  that  the  equatorial  and  axial  I-F  bonds  in  IOF5  were 
of  about  equal  strength.  To  counter  this  force  field  argument, 
Bartell  and  co-workers  refitted4  the  observed  vibrational  fre¬ 
quencies56  with  their  own  force  field  that  provided  a  force  constant 
for  the  axial  I-F  bond  which  was  lower  than  that  of  the  equatorial 
bonds.  However,  in  view  of  the  underdetermined  nature  of  these 
force  fields,  the  observed  frequencies  can  be  fitted  with  a  wide 
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range  of  force  constants  and,  therefore,  provide  no  compelling 
evidence  either  for  or  against  the  structural  model  proposed4  by 
Bartell. 

In  the  course  of  our  recent  experimental  and  theoretical 
structural  studies  of  the  IOF*-  7  and  TeOFs-  *  anions,  it  became 
apparent  that  Bartell’s  previous  structure4  for  IOFs  might  need 
correction.  In  this  paper  we  analyze  the  previous  data  and,  in 
concert  with  new  ab  initio  and  density  functional  theory 
calculations,  propose  a  revised  structure  for  IOFs- 

Results  and  Discussion 

L  Electron  Structure  Calculations.  A.  Computational  Meth¬ 
ods.  The  electronic  structure  calculations  were  done  at  the  ab 
initio  molecular  orbital  level  using  an  effective  core  potential 
(ECP)  for  the  core  electrons  on  iodine.  The  valence  basis  set  is 
of  polarized  double-f  quality.  The  fluorine  and  oxygen  basis  sets 
are  from  Dunning  and  Hay9  and  the  ECP  from  Hay  and  Wadt,10 
including  relativistic  corrections  and  augmented  by  a  d  function 
on  I  with  an  exponent  of 0.266.1 1  The  geometries  were  optimized 
by  using  analytic  gradient  techniques12  at  the  SCF  and  MP-2 
levels,13  and  the  force  fields  were  calculated  analytically.14-15  The 
S  C  F/ ECP  calculations  were  done  with  the  program  GRADSCF, 16 
as  implemented  on  a  Cray  YMP  computer  system.  Because  the 
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(8)  Christe,  K.  O.;  Dixon,  D.  A.;  Sanders,  J.  C.  P.;  Schrobilgen,  G.  J.; 
Wilson,  W.  W.  Inorg.  Chem M  in  press. 
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Theory,  Schaefer,  H.  F.,  Ill,  Ed.;  Plenum  Press:  New  York,  1977;  Chapter 
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Amsterdam,  The  Netherlands,  1984. 
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Table  I.  Comparison  of  the  Calculated  and  Observed  Geometries  of 
IOF5  and  Isoelectronic  TeOFs" 


IOF5 

ealed 

TeOFs- 

SCF/ 

NLDFT/ 

ealed4 

ECP 

MP-2 

BP 

obsd"  SCF/ECP 

obsd* 

rX-O  (A) 

1.706 

1.729 

1.671 

1.725 

1.738 

1.736(3) 

rX-F„  (A) 

1.797 

1.865 

1.815 

1.826 

1.835 

1.854(2) 

rX-F„(A) 

1.798 

1.866 

1.812 

1.826 

1.838 

1.853(2) 

zOXFo,  (deg) 

97.24 

97.4 

96.60 

97.2 

97.44 

95.2(1) 

*  Calculated  from  the  microwave  data  assuming  zOIFe,  =  97.2°  and 
rI-F„  =  rl—Feq.  4  Data  from  ref  8.  c  Data  from  ref  28. 


calculated  vibrational  frequencies  and  force  constants  are  some¬ 
what  too  high  due  to  the  neglect  of  electron  correlation  and  of 
anharmonicity,  the  calculated  values  require  scaling.  Since  the 
deformation  modes  may  be  more  strongly  affected  by  these  bond 
length  deviations  than  the  stretching  modes,  it  is  often  advan¬ 
tageous  to  use  different  empirical  scaling  factors  for  the  stretching 
and  the  deformation  modes.17 

In  order  to  investigate  whether  there  are  any  effects  of  electron 
correlation  on  the  molecular  parameters,  we  reoptimized  the 
geometry  of  IOF5  at  the  MP-2  level  using  the  program  system 
Gaussian  92IS  using  the  ECP  and  basis  set  described  above.  The 
geometry  was  also  reoptimized  at  the  density  functional  theory 
(DFT)19  level,  as  this  level  has  been  shown20  to  yield  a  good 
structure  for  IF7.  The  calculations  were  done  with  the  program 
DGauss,21  which  employs  Gaussian  orbitals  on  a  Cray  YMP 
computer.  A  norm-conserving  pseudopotential22  was  used  for  I 
following  the  work  of  Troullier  and  Martins.23  The  valence  basis 
setforlis  [42/32/1]  with  a  fitting  basis  set  of  [7/5].  The  basis 
set  for  F  and  O  is  of  polarized  triple- {"valence  quality  and  has 
the  form  [7111/41 1/1]  with  a  [7/3/3]  fitting  basis.24  The 
calculations  were  done  at  the  self-consistent  nonlocal  level  with 
the  local  potential  of  Vosko,  Wilk,  and  Nusair25  and  with  the 
nonlocal  exchange  potential  of  Becke26  together  with  the  nonlocal 
correlation  functional  ofPerdew27  (NLDFT /BP) .  The  geometries 
were  optimized  by  using  analytical  gradients.21 

B.  Calculated  Geometry  of  IOF5.  The  geometry  of  IOF5  was 
calculated  at  the  uncorrelated  SCF /ECP  and  the  correlated  MP-2 
and  NLD FT/BP  levels  of  theory  (see  Table  I).  The  difference 
between  the  axial  and  the  equatorial  I-F  bond  lengths  is  very 
small,  Le.,  about  0.001  A,  for  both  the  uncorrelated  and  the 
correlated  ab  initio  calculations  and,  hence,  is  not  noticeably 
influenced  by  correlation.  Similarly,  the  correlated  nonlocal 
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density  functional  theory  calculation  also  resulted  in  axial  and 
equatorial  I-F  bond  lengths  which  differ  by  only  0.003  A.  The 
IOFo,  bond  angles  calculated  at  these  three  levels  of  theory  are 
also  very  similar.  Therefore,  the  assumptions  of  rIF„  =  rlF^, 
and  zOIFa,  =  97.2°  for  IOF5  are  well  supported  by  the  electronic 
structure  calculations  at  all  three  levels  of  theory  and  can  be  used 
as  constraints  to  calculate  the  1-0  and  I-F  bond  lengths  from 
the  published  I16OFs  and  I18OF5  microwave  data1-2  (see  below). 
Inspection  of  Table  I  reveals  that,  as  for  IF7,20  the  NLDFT /BP 
calculation  duplicates  best  the  experimental  I-F  bond  lengths, 
while  the  corresponding  SCF/ECP  and  MP-2  values  are  about 
0.03  A  shorter  and  longer,  respectively.  The  observed  1-0  bond 
length  is  best  duplicated  by  the  MP-2  calculation,  while  the  SCF / 
ECP  calculation  results  in  a  value  which  is  0.019  A  too  short 
This  is  in  accord  with  our  previous  findings  for  the  IOF<f  7  and 
the  isoelectronic  TeOF5-  8  anions  (see  Table  I).  The  shortness 
of  the  1-0  bond  in  the  NLDFT/BP  calculation  for  IOF5  is 
unexpected  and  suggests  that  there  might  be  a  minor  problem 
with  the  choice  of  the  basis  set. 

G  Calculated  and  Observed  Vibrational  Frequencies  and 
Infrared  Intensities.  Another  crucial  test  for  the  quality  of  our 
theoretical  calculations  for  IOFs  is  the  agreement  between 
calculated  and  observed  vibrational  frequencies  and  infrared 
intensities.  Since  the  deviations  of  the  1-0  and  the  I-F  bond 
lengths  from  the  observed  ones  were  most  uniform  for  the  SCF/ 
ECP  data  set,  the  vibrational  frequencies  and  infrared  intensities 
were  calculated  by  this  method  and  scaled  to  correct  for  the  usual 
overestimation  of  the  bond  lengths.  The  results  are  summarized 
in  Table  II  and  show  that  the  agreement  between  calculated,  and 
observed  values  is  excellent,  particular  for  the  IFS  part  of  the 
molecule.  The  fact  that  the  1=0  stretching  mode  required  its 
own  scaling  factor  and,  contrary  to  the  I-F  modes,  resulted  in 
a  low-frequency  value  has  been  found  by  us  for  other  oxofluorides, 
such  as  IOF6~,7  and  appears  to  be  systematic  for  this  level  of 
calculation  for  doubly  bonded  oxygen  ligands. 

D.  Normal  Coordinate  Analysis  and  Force  Constants.  Since 
the  ab  initio  SCF/ECP  method  used  here  results  in  a  fully 
determined  force  field  with  off-diagonal  symmetry  force  constants 
that  are  expected  to  be  very  close  to  those  of  the  general  valence 
force  field,  the  SCF /ECP  force  field  and,  in  particular,  the  internal 
stretching  force  constants  for  the  axial  and  the  equatorial  I-F 
bonds  can  be  expected  to  be  more  reliable  than  the  published,415 
underdetermined  values.  Our  scaled  force  field  and  its  potential 
energy  distributions  are  summarized  in  Table  HI.  As  can  be 
seen,  the  two  most  crucial  internal  force  constants,  i.e.  the  I-F„ 
and  I-F«,  stretching  force  constants,  have  values  of  4.62  and  4.60 
mdyri/A,  respectively.  This  result,  together  with  the  calculated 
and  observed28  TeOFs~  bond  distances  of  Table  L  supports  our 
contention  that  the  axial  X-F  bonds  in  these  XOFs  species  of 
symmetry  are  either  equal  to  or  slightly  shorter  and  stronger 
than  the  equatorial  ones. 

II.  Comparison  with  Related  Molecules  and  loos.  The 
compound  that  is  most  closely  related  to  IOF5  and  is  best 
characterized  is  the  isoelectronic  TeOF5-  anion.8-28  Its  geometry 
is  known  from  a  crystal  structure  determination28  and  agrees 
well  with  that  calculated  at  the  SCF/ECP  level  of  theory  (see 
Table  I),  keeping  in  mind  the  usual  underestimation  of  the  bond 
lengths  at  the  SCF/ECP  level.  These  data  confirm  that  the 
equatorial  and  axial  Te-F  bonds  in  TeOFs*  arc,  within  exper¬ 
imental  error,  of  equal  lengths  and  are  closely  duplicated  by  the 
SCF /ECP  calculations.  The  larger  discrepancy  between  observed 
and  calculated  X-O  bond  length  in  TeOFj*  relative  to  IOF5  might 
be  attributed  to  the  choices  of  basis  sets  and  the  fact  that  the 
calculated  distances  are  for  the  free  gas-phase  ion  and  not  an 
ionic  solid  which  might  be  influenced  by  crystal  effects.  Another 
known  XOFj-  anion  of  C.*,  symmetry  is  SOFj".  Its  structure  has 


(28)  Miller,  P.  K4  Abney,  K.  D.;  Rappi,  A.  K-;  Anderson,  O.  P.;  Strauss, 
S.  H.  Inorg.  Chem.  1988,  27,  2255. 
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Table  0.  Observed  and  Calculated  Frequencies  and  Infrared  Intensities  of  IOF5 


point  group  C4, 

assignment 

approximate  mode  description 

obsd  freq,  cm- 
IR  gas* 

•*,  intens 

Ra  gas* 

ealed  freq'*  (IR  intens) 

Ai 

,1=0 

927.3  s 

926.7  s,  p 

926.7  (57) 

p\— F„ 

681.0  s 

680.4  vs,  p 

682.2  (41) 

v  sym  IF4  in-phase 

640.2  vs,  p 

638.9  (0.7) 

V4 

{  umbrella  IF4 

362.9  s 

367.5  (93) 

Bi 

*5 

p  sym  IF4  out-of-phase 

not  obsd 

647  s,  dp 

644.7  (0) 

n 

S  pucker  IF4 

not  obsd 

245.0  (0) 

b2 

pi 

S  sym  IF4  in-plane 

not  obsd 

307  m,  dp 

303.3  (0) 

E 

n 

p  asym  IF4 

710.3  vs 

712  w,  dp 

714.2(187) 

«fif4 

372.2  s 

375  m,  dp 

378.4  (40) 

V\Q 

«oif4 

343  s 

341  s,  dp 

341.6  (49) 

V 11 

i  asym  IF4  in-plane 

204.8  vw 

208  vw,  dp 

206.9  (0) 

“The  following  scaling  factors  were  used:  pt,  1.030;  remaining  stretching  modes,  0.943  65;  deformation  modes,  0.903  64.  *  Data  from  ref  6. 


Table  01.  Ab  Initio  Force  Field'*"'  of  IOFj 


point  group  C4, 

assignment 

ealed  freq,  cm"1 

symmetry  force  constants 

PED  (%) 

A, 

V\ 

926.7 

Fu=/o  =  6.999 

F11  -/dr  -  0.495 

Fi3=/tv  =  -0.141 

Fm  =  0.139 

86.7  (S.)  +  7.1  (S2)  +  4.5  (S4)  +  1.7  (S3) 

Pi 

PI 

682.2 

638.9 

Fj2  -  /r~  4.623 

F23  ~  f Rr  —  0.202 

Fi  4  =  -0.494 

F33  =/r  +  2/,  +frr'  =  4.748 

Fm  =  -0.006 

66.5  (S2)  +  26.6  (S3)  +  5.9  (S,)  +  1.0  (S4) 
(symmetric  combination  of  S2  and  S3) 

68.6  (S3)  +  31.4  (S2) 

(antisymmetric  combination  of  S2  and  S3) 

V* 

367.5 

Fu  =  '/2(/s  +  2/w  +fer  +fy  +  2/„  + 
/Yy-2f^-4/»y-2/^)=  1.691 

99.4  (S4) 

B, 

rs 

644.7 

FjS  ~  fr  ~  1fn  +  fn-  ~  4.651 

Fn  =  0.006 

100  (S5) 

Vf, 

245.0 

Ftt  =  l/i(fe  ~  2/w  +/«r  +A-  2/rr  + 
fw  ~  2/sv  +  4/^  -  2/jj/O  =  1-085 

100  (St) 

b2 

Pi 

303.3 

F77=/,-2/M+/^  =  0.845 

100  (S7) 

E 

Pi 

714.2 

Fu  -  fr-fn-  -  4.493 

Fm~  frt  —  frfr  -  0.338 

Ft, w  —fn~rn/  =  0.183 

Ft,n  =  V2{fn-M  =  0.113 

93.4  (Sg)  +  3.3  (S„)  +  2.6  (S,0) 

*9 

378.4 

Fm  -  h  ~fw  ~  1-451 
/940  =  0.096 

F941  =  0.182 

81.3  (S,)  +  16.7  (S„)  +  2.0  (SI0) 

V\0 

341.6 

F10.10  —  fi -frY  ~  0.952 

F10.H  =  0.177 

86.0  (S,0)  +  10.7  (S„)  +  3.1  (S9) 

•'ll 

206.9 

F11.U  =/«-/««' =  0.980 

66.6  (S„)  +  22.1  (S,0)  +  11.2  (S») 

«  Stretching  constants  in  mdyn/A;  deformation  constants  in  (mdyn  A) / rad2;  stretch-bend  interaction  constants  in  mdyn/rad.  The  following  scaling 
factors  were  used:  F\\  =  (1.030)2;  all  other  stretching  force  constants  =  (0.943  65)2;  deformation  force  constants  =  (0.903  64)2;  stretch-bend  interaction 
constants  =  0.943  65  X  0.903  64.  '  The  missing  explicit  F  matrix  terms  are  complex,  angle-dependent  expressions  and,  therefore,  are  not  listed.  The 
following  internal  coordinates  were  used:  1-0  =  D,  I-F„  =  R,  I-Feq  =  r,  CF^- I-Feq  —  a,  ZF, eq-I-O  =  y,  4Fo(-I-Fu  =  P-  '  Internal  force  constants. 
fD  =  6.999;/*  =  4.623;/,  =  4.596. 


been  studied29  by  X-ray  diffraction;  however,  the  positions  of  the 
oxygen  and  the  fluorine  atoms  could  not  be  distinguished  in  the 
structure,  and  no  conclusive  structural  parameters  were  given. 

A  closely  related  species  is  the  IOF6"  anion.7  Although  its 
pentagonal  bipyramidal  structure  with  a  congested  equatorial 
plane  and  formal  negative  charge  result  in  long,  highly  ionic, 
equatorial  bonds,  its  mainly  covalent  1=0  and  I — F„  bonds 
should  be  only  slightly  longer  than  those  in  IOFs.  Indeed,  the 
observed  and  calculated  bond  distances7  (see  Table  IV)  are  again 
in  excellent  agreement  with  our  findings  for  IOF5  but  not  with 
the  long  IF„  bond  of  1.863  A  reported4  previously  for  IOF5.  It 
is  very  difficult  to  envision  that  the  addition  of  a  negatively  charged 
fluoride  ligand  to  IOF5  would  shorten  the  I-F„  bond  in  the 
resulting  anion  by  0.04  A. 

HI.  Proposed  Structure  of  IOFs  Derived  from  a  Combination 
of  the  Theoretical  and  Microwave  Data.  Four  parameters  are 
required  to  define  the  structure  of  IOFs  in  symmetry,  i.e.  the 
1=0,  IFeq,  and  IF«  bond  lengths  and  the  OIF,,,  bond  angle. 

(29)  HeUemann,  W.;  Mews,  R.;  Pohl,  S4  Sack,  W.  Chem.  Ber.  1989, 122, 
427. 


Table  IV.  Comparison  of  the  Calculated  (SCF/ECP)  and  Observed 
Geometries  of  the  IOFj  Molecule  and  the  IOF«~  Anion 


f  *—  F 


ealed  obsd  ealed  obsd 

,1-0  (A)  1/706  1/725  1/726  1.75-1.77 

/•I-F„(A)  1.797  1.826  1.809  1.82 

,I-Feq  (A)  1.798  1.826  1.882  1.88 

‘  Data  from  ref  7. 

Since  the  microwave  data  published1  for  II6OFs  and  II8OFs  provide 
two  independent  rotational  constants,  two  assumptions  must  be 
made  to  solve  the  IOF5  structure.  Since  for  gas-phase  molecules 
the  theoretical  calculations  generally  predirt  the  bond  angles  quite 
accurately  and  for  isoelectronic  TeOFs"  also  predicted8  the  Ixmd 
length  difference  between  axial  and  equatorial  Te-F  bonds  within 
experimental  error  (see  Table  I),  rite  structure  of  IOF5  was 
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calculated  using  the  two  rotational  constants  from  the  microwave 
study1-2  and  the  following  constraints  from  our  theoretical 
calculations:  ZOIF„  =  97.2°  and  rIF„  =  rIF«,.  This  combined 
ab  initio-microwave  calculation  resulted  in  the  following  geometry 
for  IOF5:  rl=0  =  1.725  A;  /-IF„  =  rIF«,  =  1.826  A;  /OIF*,  = 
97.2°.  These  values  agree  well  with  our  expectations  and  compare 
favorably  with  those  observed  for  closely  related  compounds7 
and  isoelectronic  TeOF5~.8,28 

IV.  Previous  Electron  Diffraction  Study.  Without  access  to 
theoriginal  electron  diffraction  data,  we  were  not  able  to  examine 
the  compatibility  of  our  revised  structural  model  with  the 
experimental  electron  diffraction  data.4  However,  several  general 
comments  concerning  the  previous  electron  diffraction  study  can 
be  made,  (i)  The  eight  internuclear  distances  of  IOFj  overlap 
badly,  forming  only  three  fully  resolved  peaks  in  the  radial 
distribution  curve.  This  adds  considerable  ambiguity  to  the 
interpretation  of  the  electron  diffraction  results,  (ii)  The  electron 
diffraction  pattern  is  systematically  influenced  by  dynamic 
scattering  because  of  the  rather  deep  potential  well  of  the  heavy 
iodine.30  (iii)  Six  of  the  eight  internuclear  distances  are  almost 
identical  for  our  revised  and  Bartell’s  original  model,4  with  the 
only  significant  difference  being  the  partitioning  of  the  axial  and 
the  equatorial  I-F  bond  distances.  It  should  be  pointed  out  that 
the  mean  I-F  bond  length  of  all  I-F  bonds  in  Bartell’s  structure 
(1.826  A)  is  identical  to  that  derived  from  our  study  for  both  the 
equatorial  and  the  axial  I-F  bonds  and  that  the  1-0  bond  length 
and  the  0-I-F,q  bond  angle  of  his  model  also  agree  within 
experimental  error  with  those  from  our  study.  Therefore,  the 
electron  diffraction  data  would  be  in  good  agreement  with  our 
revised  structure  if  the  unresolved  radial  distribution  curve  peaks 
for  the  I-F  bond  distance  are  fitted  for  a  single  I-F  bond  distance, 
(iv)  The  relatively  large  deviations  found4  in  the  radial  distribution 
difference  curve  between  1.5  and  2.0  A  are  also  indicative  of 
problems  with  the  previously  used  partitioning  of  the  I-F  bond 
distances.  Therefore,  it  would  be  interesting  to  investigate  the 


compatibility  of  our  revised  structure  with  the  experimental 
electron  diffraction  data. 

V.  Conclusions.  The  results  of  our  theoretical  calculations 
for  IOF5,  its  normal  coordinate  analysis  and  force  field,  and  a 
comparison  with  known  and  well-characterized  isoelectronic  or 
closely  related  species  all  indicate  that  the  equatorial  and  axial 
I-F  bonds  in  IOF5  are  of  comparable  lengths.  This  finding 
eliminates  the  need  for  the  use  of  a  “secondary  relaxation  effect”4 
to  account  for  its  structure.  The  results  of  this  study,  i.e.,  I-F„ 
and  I — Feq  of  IOFj  having  about  the  same  bond  length,  furthermore 
show  that  there  is  also  no  need  for  the  use  of  the  opposite,  so 
called  “trans  effect”31  which  supposedly  causes  a  significant 
shortening  of  the  fluorine  bond  trans  to  the  oxygen  ligand.  The 
effect  which  a  doubly  bonded  oxygen  has  on  a  fluorine  ligand  in 
the  trans  position  is  governed  by  the  oxidation  state  and  the 
effective  electronegativity  of  the  central  atom.  For  the  so  called 
“trans  effect”,  the  effective  electronegativity  of  the  central  atom 
must  be  lower  than  that  of  the  oxygen  ligand.  Then,  the  oxygen 
ligand  withdraws  electron  density  from  the  central  atom,  which 
increases  the  covalency  and,  hence,  the  strength  of  the  central 
atom-fluorine  bond.  If,  however,  the  effective  electronegativity 
of  the  central  atom  is  higher  than  that  of  oxygen,  the  oxygen 
ligand  releases  electron  density  to  the  rest  of  the  molecule.  This 
increases  the  ionicity  of  the  central  atom-fluorine  bonds  and, 
hence,  weakens  them.  If  the  effective  electronegativities  of  the 
central  atom  and  the  oxygen  ligand  are  about  the  same,  as  appears 
to  be  the  case  for  IOF5,  there  should  be  no  noticeable  effect. 
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The  new  TeOF«2"  anion  has  been  isolated  in  the  form  of  its  tetramethylammonium  salt  from  solutions  of  N(CH3)4F 
and  N(CH3)4TeOF5  in  CH3CN.  It  was  characterized  by  vibrational  spectroscopy,  a  normal  coordinate  analysis 
and  ab  initio  calculations.  It  is  shown  that  its  structure  is  analogous  to  that  of  the  recently  discovered,  isoelectronic 
IOF6-  anion  which  makes  it  only  the  second  known  representative  of  a  pentagonal  bipyramidal,  main-group  element 
AX5YZ  species  and  the  first  multiply  charged  example  of  such  a  species.  The  stretching  force  constant  of  the  TeFs 
part  of  TeOF6J-  is  significantly  smaller  than  that  in  IOF«-  indicating  that  the  additional  negative  charge  in  TeOF6  - 
weakens  mainly  the  equatorial  Te-F  bonds.  The  vibrational  spectra  of  N(CH3)4TeOF5  are  also  reported,  and  the 
results  of  ab  initio  calculations  and  of  a  normal  coordinate  analysis  of  TeOF5"  show  that  six  of  its  fundamental 
vibrations  had  previously  been  assigned  incorrectly. 


Introduction 


Heptacoordinated  species  are  of  special  interest.  According 
to  the  hard  sphere  model  of  the  valence  shell  electron  pair  repulsion 
( VSEPR)  rules  of  repelling  points  on  a  sphere,  heptacoordinated 
species  should  prefer  structures  derived  from  a  monocapped 
octahedron.1-2  Besides  the  monocapped  octahedron,  there  are 
two  other  structures  for  heptacoordinated  species  that  are  only 
slightly  higher  in  energy.  These  are  the  monocapped  trigonal 
prism  and  the  pentagonal  bipyramid.3  Examinations4-5  of  the 
relative  energy  E  of  seven  repelling  points  on  a  sphere  in  terms 
of  the  energy  law 


where  r,j  is  the  distance  between  two  of  the  points  and  n  is  a 
constant,  have  indicated  that  for  heptacoordinated  species  the 
minimum  energy  structure  depends  on  n.  For  0  <  n  <  3,  i.e.,  soft 
repulsion,  the  pentagonal  bipyramid  was  the  minimum  energy 
structure,  while  for  3  <  n  <  6  the  monocapped  trigonal  prism  and 
for  n  >  6,  i.e.,  hard  repulsion,  the  monocapped  octahedron  were 
the  energetically  preferred  structures.5  Although  at  present  no 
quantitative  numbers  are  available2  for  rt,  for  heptacoordinated 
transition  metal  fluorides  or  oxofluorides  the  experimental 
observations  qualitatively  agree  with  these  predictions.  Thus, 
the  most  ionic  and  softest  XF7  or  XOFs  species,  i.e.,  the  triply 
charged  anions  ZtF^,  HJF73-,  TaOFg3-,  and  NbOFe3-  have 
pentagonal  bipyramidal  structures,2-6-1  the  intermediately  soft, 
doubly  charged  anions  NbFi2-  and  TaF72-  have  monocapped 


1  Rocketdyne. 

1  DuPont. 

« McMaster  University. 
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Figure  I.  Infrared  (A)  and  Raman  (B)  spectra  of  solid  N(CH3)4TeOFs. 


trigonal  prismatic  structures,8-9  and  the  hardest,  singly  charged 
anions  M0F7-,  WF7",  and  UF7"  possess  monocapped  octahedral 
structures.10  On  the  basis  of  the  presently  available  structural 
data,  the  nature  of  the  central  atom  or  small  changes  in  its  d 
orbital  occupation  seem  to  have  little  influence  on  the  structures 
of  these  compounds. 

Whereas  the  aforementioned  VSEPR  rules  and  energy  law 
predictions5  appear  to  be  applicable  to  transition  metal  elements, 
the  heptacoordinated  main-group  elements  do  not  comply.  By 
comparison  with  identically  charged  transition  metal  compounds, 
the  heptacoordinated  main-group  compounds  should  be  even 
harder  because  of  the  smaller  radii  of  their  central  atoms  and  the 
increased  s  and  p  character  of  their  valence  electrons.  Therefore, 
the  neutral  or  singly  charged  heptacoordinated  main-group 


(8)  Torardi,  C.  C.;  Brixner,  L.  H.;  Blasse,  G.  J.  Solid  State  Chem.  1987, 
67,  21. 
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Table  L  Vibrational  Spectra  of  N(CH3)4TeOFj  and  Their 
Assignments 


obsd  freq,  cm-1  (rel  intens) 

Raman  assignments  (point  group) 


IR  25  °C 

25  °C 

-150  °C 

N(CH3)4+  (Tj) 

TeOFj"  (C40) 

3110  sh 

3043  (13) 

3045  (8)> 

3042  mw 

2995 (7) 

3030(7) 

2966(10) 

2968  (2) 

2972  w 

2928  (w) 
2820  (3) 

2931  (2) 
2820  (3) 

vj(E) 

«u(F2) 

2759  vw 

J’-vi  (Ai) 

2660  ww 

+  combination 

2622  ww 
2588  vw 
2523  ww 
2485  vw 
2362  ww 

J 

bands 

1492  vs 

1465  (26) 

1477  (10) 
1465  (7) 

vis  (Fa) 
va  (Al),  v«  (E) 

1419m 

1418(5) 

1421 (2) 

V16  (Fa) 

1289  mw 

1289 (2) 

1288(1) 

vi7  (Fa) 

1220  w 

1174  (5) 

1175(1) 

Vj(E) 

(584  +  636) 

951s 

949  (28) 

952(18) 

vis  (Fa) 

921  w 

868  s 

828  vw,  sh 

868  (47) 

858  (35) 

vi  (Ai) 

770  w 

753 (37) 
742sh 

758 (12) 
748  (7) 

v3  (Ai) 

650  sh 

652(100) 

652  (100) 

va  (Ai) 

636  vs 

vs(E) 

583  mw 

584  (30) 

594  (22) 

V3  (Al),  v5  (Bi) 

460  w 

460(13) 

459  (7) 

V19  (Fa) 

373  (5) 

375  (4) 

vs(E) 

346  ms 

346  (6) 

347  (9) 

v»  (E) 

329  sh 

328  (40) 

329  (40) 

vio(E) 

319s 

V4  (Al) 

282  (10) 

283  (6) 

V7  (Ba) 

196  (3) 

196  (3) 

vi,  (E) 

93  (2) 
38(2) 

lattice  vibrations 

element  compounds  should  be  very  hard  and  exhibit  monocapped 
octahedral  structures.  This,  however,  is  not  the  case,  and  IF7,1  ‘-12 
TeF7-,,3  U  IOF«-,13,15  and  XeFs~  16  all  exhibit  pentagonal  bipy- 
ramidal  structures.  A  rationale  for  their  structures  was  recently 
presented  in  our  papers  on  IF712and  IOF$-.15  It  was  concluded12-15 
that  the  pentagonal  bipyramidal  geometry  of  their  more  localized 
valence  electron  orbitals,  rather  than  the  intramolecular  repulsion 
force,  is  the  main  reason  for  their  pentagonal  bipyramidal 
molecular  structures. 

The  bonding  in  the  pentagonal  bipyramidal  main-group 
fluorides  has  been  described12-15  by  planar,  p^  hybrid  orbitals  of 
the  central  atom  for  the  formation  of  a  coplanar,  semiionic, 
6-center-l  0-electron  (6c-10e)  bond  system  for  the  five  equatorial 
ligands.  Depending  on  the  relative  bond  lengths  and  radii  of  the 
atoms  involved,  this  equatorial  plane  can  become  highly  congested 
and,  therefore,  undergo  substantial  puckering.  Further  interest 
and  complexity  is  added  to  this  problem  by  the  facts  that  these 
structures  possess  5-fold  symmetry,  are  usually  nonrigid,  and 
exhibit  fluxionality  involving  static  or  dynamic  puckering  of  the 
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(16)  Christe,  K.  O.;  Curtis,  E.  C.;  Dixon,  D.  A.;  Mercier,  H.  P.;  Sanders,  J. 
C.  P.;  Schrobilgen,  G.  J.  J.  Am.  Chem.  Soc.  1991,  113,  3351. 


equatorial  plane  and,  in  some  instances,12  also  axial-equatorial 
ligand  exchange. 

In  view  of  the  strong  dependency  of  the  structures  of  the 
heptacoordinated  transition  metal  compounds  upon  the  number 
of  their  ionic  charges,  (see  above)  it  was  interesting  to  explore 
to  what  extend  this  also  applies  to  heptacoordinated  main-group 
element  compounds.  Whereas  neutral  IF7  and  the  singly  charged 
anions  TeF7~,  IOF6",  and  XeF5~  are  now  well  understood,11-16  no 
data  had  been  available  on  multiply  charged  anions.  Therefore, 
we  have  prepared  and  characterized  the  TeOF62~  anion  and,  in 
this  paper,  report  our  results. 

Experimental  Section 

Materials.  The  synthesis  of  anhydrous  N(CH3)4F  has  been  previously 
described.17  The  CH3CN  (Baker,  Bio-analyzed,  having  a  water  content 
of  40  ppm)  was  treated  with  P2O5  and  freshly  distilled  prior  to  use,  thereby 
reducing  its  water  content  to  <4  ppm.  A  literature  method18  was  used 
for  the  synthesis  of  anhydrous  NfCHs^TeOFj. 

Synthesis  offNKCHj^hTeOF*  In  the  drybox,  N(CH3)4TeOF5  (0.4543 
g,  1.45  mmol)  and  a  2-fold  excess  of  N(CH3)4F  (0.2726  g,  2.93  mmol) 
were  loaded  into  separate  limbs  of  a  two-limbed  Pyrex  glass  vessel  equipped 
with  J.  Young  glass-PTFE  stopcocks.  Dry  CH3CN  (ca.  5  mL  of  liquid) 
was  vacuum  distilled  onto  each  solid  at  -196  °C.  The  two  limbs  were 
allowed  to  warm  to  -9  °C  in  order  to  dissolve  the  solids.  While  both 
solutions  were  maintained  at  -9  °C,  the  N(CH3)4F  solution  was  poured 
into  the  N(CH3)4TeOF5  solution.  The  reaction  mixture  was  stirred  at 
-9  °C  for  15  min,  during  which  time  a  heavy  white  precipitate  formed. 
The  mixture  was  cooled  to  -20  °C  and  stirred  for  an  additional  45  min. 
The  supernatant  solution  was  decanted  from  the  white  precipitate  at  -20 
°C.  The  residual  CH3CN  was  pumped  off  at  -9  °C  and  finally  at  25 
°C  overnight.  A  fine  white  powder  remained  (0.4298  g),  which  was 
shown  by  Raman  and  infrared  spectroscopy  to  be  a  mixture  of  [N (013)4)  r 
TeOF6  and  N(CH3)«TeOF5. 

Vibrational  Spectroscopy.  Raman  spectra  were  recorded  on  either  a 
Cary  Model  83  or  a  Spcx  Model  1403  spectrophotometer  using  the  488- 
nm  exciting  line  of  an  Ar  ion  or  the  647.1-nm  line  of  a  Kr  ion  laser, 
respectively.  Baked -out  Pyrex  melting  point  capillaries  or  thin-walled 
Kel-F  tubes  were  used  as  sample  containers. 

Infrared  spectra  were  recorded  by  using  either  AgCl,  AgBr,  or  KBr 
disks  on  a  Perkin-Elmer  Model  283  spectrophotometer.  The  finely 
powdered  samples  were  sandwiched  between  two  thin  disks  and  pressed 
together  in  a  Wilks  minipress  inside  the  drybox. 

Nuclear  Magnetic  Resonance  Spectroscopy.  The  **F  NMR  spectra 
were  recorded  unlocked  (field  drift  <0.1  Hz  Jr1)  on  a  Bruker  AM-500 
spectrometer  equipped  with  an  11.744-T  cryomagnet.  The  ,9F  spectra 
were  obtained  using  a  5-mm  combination  'H/,9F  probe  operating  at 
470.599MHz.  The  spectra  were  recorded  in  a  32  K  memory.  A  spectral 
width  setting  of  50  kHz  was  employed,  yielding  a  data  point  resolution 
of  3.052  Hz/data  point  and  an  acquisition  time  of 0.327  s.  No  relaxation 
delays  were  applied.  Typically,  10  000  transients  were  accumulated. 
The  pulse  width  corresponding  to  a  bulk  magnetization  tip  angle,  6,  of 
approximately  90°  was  equal  to  1  11s.  No  line  broadening  parameters 
were  used  in  the  exponential  multiplication  of  the  free  induction  decays 
prior  to  Fourier  transformation. 

The  spectra  were  referenced  to  a  neat  external  sample  of  CFCI3  at 
ambient  temperature.  The  chemical  shift  convention  used  is  that  a  positive 
(negative)  sign  signifies  a  chemical  shift  to  high  (low)  frequency  of  the 
reference  compound. 

Solids  were  weighed  into  5-mm  precision  glass  tubes  (Wilmad)  in  the 
drybox,  and  CH3CN  solvent  was  distilled  in  vacuo  onto  the  solid  at  -78 
°C.  The  tubes  were  flame-sealed  in  dynamic  vacuum  while  keeping  the 
contents  frozen  to  -78  °C. 

Computational  Methods.  The  electronic  structure  calculations  were 
doneat  the  ab  initio  molecular  orbital  level  using  an  effective  core  potential 
(ECP)  for  the  core  electrons  on  tellurium.  The  valence  basis  set  is  of 
polarized  double  zeta  quality.  The  fluorine  and  oxygen  basis  sets  are 

(17)  Christe,  K.  O.;  Wilson,  W.  W.;  Wilson,  R.  D.;  Bau,  R.;  Feng,  J.  /.  Am. 

Chem.  Soc.  1990, 112,  7619. 

(18)  Mercier,  H.  P.  A.;  Sanders,  J.  C.  P.;  Schrobilgen,  G.  J.  J.  Am.  Chem. 

Soc-,  submitted  for  publication. 
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Table  II.  Observed  and  Calculated  Vibrational  Spectra  of  TeOFs* 


obsd 


calcd 


assignment  Cto 


approx  mode  description 


A, 


B, 

B2 

E 


vi  p(TeO) 

V1  sym  combination  of  ViynfTeF*)  and  vfTcFn) 

antis ym  combination  of  p«ym(TeF4)  and  v(TeF„) 

P4  ^dnjbrefltCTeF^ 

Vi  virm(TeF4)  out-of-phase 

H  5|»±er(TeF4) 

m  iKM,(TeF4)  in-plane 

P8  >'uym(TeF4) 

v,  i(FTeF«) 

rio  5(OTeF4) 

p„  «Mym(TeF4)  in-plane 


freq,  an*1 

IR 

(rel  intens) 

Raman 

160-1*0 

shift* 

freq,4 

cm*1 

IR 

intens 

i«0-180 

shift 

868  s 

868  (47) 

40 

860 

101 

39.9 

650  sh 

652  (100) 

I 

658 

63 

1.5 

583  mw 

584  (30) 

0 

573 

3 

0.3 

319  s 

339 

106 

0.8 

584 (30) 

582 

0 

0 

not  obsd 

not  obsd 

223 

0 

0 

282  (10) 

0 

280 

0 

0 

636  ms 

0 

651 

221 

0 

346  ms 

346(6) 

0 

348 

61 

0.2 

329  sh 

328  (40) 

10 

329 

60 

10.2 

196(3) 

185 

0.04 

1.9 

•'ll  ^tsymv  *  —  r -  . 

-The  oxygen  isotopic  shift  data  were  taken  from  ref  31  ‘The  calculated  by  the  Mowing  empirical  factors  to  gree  the  best 

agreement  with  the  observed  values:  stretching  frequencies,  0.9529;  deformation  modes,  0.8812. 

Table  V.  Vibrational  Spectra  of  rN(CH3)4]2TeOFs  and  Then- 
Assignment  _ _ 


Table  m.  Observed  and  Calculated  Geometries  of  TeOF5~ 
obsd*  calcd4  obsd* 


calcd4 


1.838 

97.44 


KTe-O),  A  1.786(3)  1.738  KTe-F*,).  A  1.853(2) 

r(Te-F„),  A  1.854(2)  1.835  40TeF«,),deg  95-2(1) 

o  Libra tionally  uncorrected  values  reported  in  ref  32  for  the  solid  TeOFs 
salt  of  protonated  l,8-bis(dimethylamino)naphthalene  at  -106  °C. 
4  Unsealed  values  calculated  for  the  free  TeOFr  anion. 

Table  IV.  Ab  Initio  Force  Field*-4  of  TeOF5-  and  Potential  Energy 
Distribution  _ _ 


sym  force  consts 


PED 


Ai  vi  860  Fn  —fn  —  6.164 
F 12  =/dr  =  0.028 
Fi3=/dt  =  0.137 
F,  4  =  0.198 

p2  658  F22=/r  =  3.929 
Fu  =/ri  —  0.448 
F24  =  -0.505 

P3  573  F33=/r+2/rr+/^  =  4.179 
Fm  =  -0.027 
i>4  339  F44  —  1.514 

Bi  »5  282  F55  =/r  —  2/rr+/n' =  3.782 

Fa  =  0.027 
vt,  223  Fa  =  0.942 

B2  P7  280  F77  =  fa  ~  Ijaa'F  faa?  *"  0.755 

E  *8  651  F*8  -fx-fn' =  3.789 

Ft?  = fa  -  far  ~  0343 
Fg.io  =  fn  ~fn~  ~  0.242 
Fg,n  =  2  >/2(/",„ -/,«-)  =  0.141 
»9  348  F99  —  fg-fep  -  1-262 

F9J0  =  0.088 
F9.11  —  0.182 

pio  329  F10.10  -fy-fw  =  0  919 
F10.11  —  0.188 

rn  185  Fn.ii  —fa  -feu/  ~  0.865 


92.3  (S,)  +  4.1  (S2)  + 
3.3  (S4) 


52.8  (52)  +  44.9  (S3)  + 

1.2  (S4)  +  1.1  (S,) 
50.3  (S3)  +  49.3(52) 

98.8  (S4)  +  1-0  (S2) 
100  (5j) 

100  (5S) 

100  (S7) 

94.8  (Ss)  +  2.7  (5n)  + 
2.0  (S,o) 


78.1  (S,)  +  21.6  (Sn) 


86.0  (Sw)  +  7.1  (S9)  + 
6.9  (5„) 

67.1  (Sn)  +  20.1  (S10) 
+  12.6  (Ss) 


«  The  following  symmetry  coordinates  were  used:  Si  -  TeO  stretch; 
S2  =  TeF„  stretch;  S3  =  TeF4  sym  in-phase  stretch;  S4  -  TeF4  unbrella 
deform;  S5  =  TeF4  sym  out-of-phase  stretch;  S«  =  TeF4  pucker  deform; 
S7  =  TeF.  sym  in-plane  deform;  Sj  =  TeF4  asym  stretch;  S9  -  TeF»i  wag, 
S10  =  TeO  wag;  Sn  =  TeF4  asym  in-plane  deform.  For  their  explicit 
values,  see:  Smith,  D.  F.;  Begun,  G.  M.  J.  Chem.  Phys.  1965, 43, 2001 . 
4  The  following  staling  factors  were  used:  stretching  fora  constants, 
(0.9529)2;  deformation  constants,  (0.8812)2;  stretch-bend  interactions, 
0.9529  x  0.8812.  Stretching  constants  are  in  mdyn/A,  deformation 
constants  in  mdyn  A/rad2,  and  stretch-bend  interaction  constants  in 
mdyn/rad. 

from  Dunning  and  Hay,19  and  the  ECP  is  from  Hay  and  Wadt20  including 
relativistic  corrections  and  augmented  by  a  d  function  on  Te  with  an 
exponent  of 0.237.21  TheTe,  O,  and  F  basis  sets  were  augmented  further 
by  a  diffuse  p  function  with  exponents  of  0.035,  0.059,  and  0.074, 

(19)  Dunning,  T.  H.,  Jr.;  Hay,  P.  J.  In  Methods  pfElecfroak  Structure 
77woo\  Schaefer,  H.  F„  III,  Ed_  Plenum  Press:  New  York,  1977, 

(20)  Hay/?  j'.;  Wadt,  W.  R.  J.  Chem.  Phys.  1985,  82, 299. 


obsd  freq  (25  °C), 
cm*1  (rel  intens) 


IR 


Ra 


assignment  (point  group) 
N(CH3)4+  (Fa)  TeOFs2*  (Cq) 


3043  mw 
2999  w 


1498  vs 
1464  w 
1421  w 


954  vs 
921  w 
830  s 

614  m 

525  vs 
461  w 


365  vs 
330  s 


3036(40)^ 
2996  (5) 
2968  (30) 
2945  sh 
2928  (20) 
2900  sh 
2825(9)  ) 

1474  (91) 
1420  (9) 
1291  (9) 
1185 (9) 
952  (72) 
919(10) 
830  (71) 
752  (80) 
614 (100) 
530(63) 

459  (25) 
388  (35) 
368  sh 


322(60) 
245  (2) 


ps(E) 

-14  (F2) 

pi  (Ai) 

+  combination 
bands 

pis  (F2) 
p2  (A2),  P6  (E) 
p.s(F2) 

P17  (F2) 

P7(E) 

pis(Fz) 


P3  (Al) 

P19(F2) 

ps(E) 


Pi  (Ai) 

P2(Al) 

P3  (Ai) 
ps  (E,) 
p»(E2)? 
»io  (E2) 

p«  (Ei) 

P4  (Ai) 
P7  (El) 
p*  (Ei) 


respectively,  to  account  for  the  negative  ion  character.  The  geometries 
were  optimized  by  using  gradient  techniques,22  and  the  force  fields  were 
calculated  analytically.23-24  The  ab  initio  MO  calculations  were  done 
with  the  program  GRADSCF,25  as  implemented  on  a  Cray  YMP  computer 
system.  Because  the  calculated  vibrational  frequencies  and  force  constants 
are  somewhat  too  high  due  to  the  neglect  of  electron  correlation  and  of 
anharmonicity,  the  calculated  frequencies  and  force  constants  require 
scaling.  Since  the  deformation  modes  are  usually  more  strongly  affected 


(21)  Huzinaga,  S.;  Andzelm,  J.;  Klobukowski,  M.;  Radzio,  E.;  Sakai,  Y.; 
Tatasaki,  H.  Gaussian  Basis  Sets  of  Molecular  Calculations',  Elsevier 
Amsterdam,  1984. 

(22)  (a)  Komomicki,  A.;  Ishida,  K.;  Morokuma,  K.;  Ditchfield,  R.;  Conrad, 
lA.Chem.Phys.Utt.l9Tl, 45, 595.  (b)McIver,J.W.,Jr.;Komonucb 
A.  Chem.  Phys.  Utt.  1971, 10, 202.  (c)  Pulay,  P.  In  Applications  of 
Electronic  Structure  Theory,  Schaefer,  H.  F„  III  Ed.;  Plenum  Press: 
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NATO  ASI Series  C 166; D.Reidel:  Dordrecht, TheNetherlands  1986; 

(24)  Bradung,  J.;  Thiel,  W.;  Komomicki,  A.  Chem.  Phys.  Utt.  1988, 153, 

(25)  GRADSCF  is  an  ab  initio  program  system  designed  and  written  by  A. 
Komomicki  at  Polyatomics  Research. 
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Table  VI.  Comparison  of  Observed  and  Calculated  Frequencies  of  the  Isoelectronic  TeOFg2'  and  IOF*-  Anions,  Together  With  Approximate 
Mode  Descriptions 


TeOF«2-  IOF«- 


assignment 

(C*,) 

approx  mode 
description 

ohsd  freq,  cm-1 
(fattens  (IR,  Raman)) 

calcd  freq,"  cm-1, 
(IR  fattens) 

obsd  freq,"  cm-1 
(fattens  (IR,  Raman)) 

calcd  freq,4  cm-1 

Ai  »-i 

KX=0) 

830  (s,  71) 

829.7  (122) 

873  (vs,  53p)e 

873 

*2 

v(X-F„) 

614  (m,  100) 

629.6  (73) 

649  (s,  88p) 

639.6 

V3 

•WXFj) 

530  (..,80) 

527.1  (0.1) 

584  (c,  lOOp) 

579.9 

*4 

^nmbrdkCXF  5) 

330  (s, ...) 

337.9  (104) 

359  (s,  4) 

363.0 

Ei  vj 

5) 

525  (vs, ...) 

529.9  (202) 

585  (re,  d) 

597.7 

H 

iuymfXFs)  in-plane 

365  (vs,...) 

368.3  (272) 

405  («, ...) 

406.6 

*7 

WO=X-F^ 

322  (._  60) 

314.6(0.1) 

341  (...,  62) 

333.2 

n 

6>d=(0=X— F„) 

245  (...,2) 

244.1  (1.3) 

260  (s,  2) 

267.4 

E2  P9 

WXF5)  in  plane 

459  (w,  25) 

456.7  (0) 

530  (...,4) 

519.8 

*10 

**jym(XF 5) 

388  (...,35) 

377.4  (0) 

457  (...,  49) 

457.3 

*11 

Wct(XF5) 

not  obsd 

129.6(0) 

not  obsd 

138.1 

"  Frequency  values  were  scaled  by  the  following  empirical  factors  to  give  the  best  fit  with  the  observed  frequencies:  stretching  modes,  0.9747; 
deformation  modes,  0.8789.  *  The  following  empirical  scaling  factors  were  used:  stretching  modes,  0.9262  except  for  v\  =  1.0146;  deformation  modes, 
0.8863.  The  values  previously  published  in  ref  1 5  are  slightly  different  due  to  the  use  of  a  common  scaling  factor  for  both  the  stretching  and  the 
deformation  modes.  c  Very  strong  IR  band  at  585  cnr*  is  due  to  rj  and  not  p,,  which  should  be  of  vanishingly  small  IR  intensity.  i  Very  strong  Raman 
band  at  584  cm-1  is  due  to  pj  and  not  r$,  which  should  be  of  vanishingly  small  Raman  intensity.  *  p  =  polarized. 


Frequency,  cm'1 

Figure  2.  Infrared  (A)  and  Raman  (B)  spectra  of  solid  [N(CH3)«]2- 
TeOF«.  The  dashed  lines  are  due  to  TeOFj-. 

by  the  bond  lengths  than  the  stretching  modes,  it  is  advantageous  to  use 
two  different  scaling  factors  for  the  stretching  and  the  deformation 
modes.24 

Results  and  Discussion 

Synthesis  and  Properties  of  (^(CHj^TeOF*  This  compound 
was  prepared  according  to 

CHjCN 

N(CH3)4TeOF5  +  N(CH3)4F  —  [N(CH3)<]2TeOF6 

(1) 

Since  both  starting  materials  are  soluble  in  CH3CN  while  the 
desired  product  is  not,  the  latter  can  easily  be  isolated  by  filtration 
or  decantation.  In  spite  of  using  a  2-fold  excess  of  N(CH3)4F, 
the  reaction  product  always  contained  some  unreacted  TeOF5_ 
salt  as  detected  by  vibrational  spectroscopy.  Since  the  dry 
[N(CH3>4]2TeOF6  salt  is  thermally  stable  at  room  temperature, 
the  observation  of  some  unreacted  N(CH3)4TeOFs  in  the  product 
implies  that  reaction  1  might  be  an  equilibrium  which  is  only 
incompletely  shifted  to  the  right.  Attempts  were  made  to  remove 
the  unreacted  N(CH3)4TeOF5  from  the  reaction  product  by 
repeated  extractions  with  CH3CN.  Although  the  purity  of  the 


Table  VII.  Scaled  ab  Initio  Force  Field'1-4  and  Potential  Energy 
Distribution  of  TeOFj2' 


sym  force  consts 

PED 

A, 

*1 

829.7 

F„  =  5.727 

F,j  =  0.020 

Fn  =  0.190 

Fm  = -0.213 

91.3  (Si)  +  4.6  (S2)  + 
4.0  (S4) 

*2 

629.6 

Fa  =  3.811 

F23  =  0.403 

Fm  =  0.362 

78.3  (S2)  +  18.0  (S3)  + 
2.3  (S4)  +  1.4(5,) 

»3 

527.1 

F33  =  3.335 

Fj4  =  0.086 

80.0  (Sj)  +  19.5  (S2) 

*4 

337.9 

F44  =  1-525 

100  (S4) 

E, 

*”5 

529.9 

F35  =  2.549 

Fit  =  -0.997 

Fs i  =  0.269 

Fa  =  0.239 

99.3  (Sj) 

*6 

368.3 

Fu  =  2.665 

Fg,  =  -0.226 

Fa  =  -0.275 

33.0  (S*)  +  36.1  (S,)  + 
18.1  (Si)  +  12.8  (Sj) 

*7 

314.6 

Fn  =  0.937 

Fn  =  0.074 

44.5  (S7)  +  54.4  (S,Y 

*8 

244.1 

Fm  =  0.825 

34.2  (S,)  + 43.8  (S,)  + 
21-3  (St)'* 

e2 

*9 

456.7 

F„  =  2.306 
/"9,io  =  0.380 

F9.11  =  -0.065 

87.8  (S,)  +  12.2  (S2) 

vio 

377.4 

F10.10  =  1-742 
/‘’io.ii  =  -0.058 

88.6  (S,0)+  11.3  (S9) 

*1! 

129.6 

Fu.u  =  0.356 

99.9  (S„) 

“  The  following  scaling  factors  were  used:  stretching  force  constants, 
(0.9747)2;  deformation  constants,  (0.8789)2;  stretch-bend  interactions, 
0.9747  X  0.8789.  Stretching  constants  were  in  mdyn/A,  deformation 


rad.  6  The  symmetry  coordinates  used  were  identical  to  those  previously 
published  in  ref  1 5  for  IOF<f. e  Antisymmetric  combination  of  Si  and  S». 
d  Symmetric  combination  of  Si  and  S%. 

product  was  substantially  improved  in  this  manner,  we  did  not 
succeed  in  the  preparation  of  totally  pure  [N(CH3>4]2TeOF6. 

Since  [N(CH3>4]2TeOF6  has  very  little  solubility  in  CH3CN, 
single  crystals  for  a  crystal  structure  determination  could  not  be 
grown.  The  19F  NMR  spectrum  of  [N(CH3)4]2TeOF6  in  CHr 
CN  at  -10  °C  displays  only  weak  resonances  attributable  to 
TeOF5-R(19FA),  -19.1  ppm;  5('9F„),  -36.9  ppm;  2/(FA  -  F„), 
170  Hz]  and  F~[5(19F),-70.1  pm]  but  none  assignable  to  TeOFj2-. 
When  the  temperature  to  is  rasied  25  °C,  rapid  dissociation  of 
the  TeOFj2-  anion  into  TeOFj-  and  F-  results  in  solvent  attack 
by  F-  and  formation  of  HF2-.27  Similar  behavior  has  been  noted 
previously13  for  [N(CH3)4]2TeF8  in  CH3CN,  thereby  demon- 


127)  Christe,  K.  O.;  Wilson,  W.  W.  J.  Fluorine  Chem.  1990,  47,  117. 

(28)  Christe,  K.  O.;  Wilson,  W.  W.;  Bau,  R.;  Bunte,  S.  W.  J.  Am.  Chem.Soc. 
1992, 114,  341 1  and  references  cited  therein. 


The  TeOF62-  Anions 


strating  the  strong  propensity  of  these  dinegative  anions  to 
dissociate  in  solution.  As  a  consequence  of  the  insolubility  and 
instability  of  [N(CH3)4]2TeOF6  in  CH3CN,  the  recording  of  a 
125Te  NMR  spectrum  for  the  TeOF42-  anion  has  also  not  been 
possible.  Consequently,  the  characterization  of  the  T  eO  F62-  anion 
was  based  entirely  on  its  vibrational  spectra  and  their  comparison 
with  those  of  the  isoelectronic  IOF6"  anion  whose  structure  has 
been  firmly  established  by  X-ray  diffraction  and  NMR  spec¬ 
troscopy.5  Since  the  samples  of  [N(CH3)4]2TeOF$  used  for  the 
spectroscopic  study  always  contained  some  TeOFs-,  it  was 
necessary  to  first  analyze  the  vibrational  spectra  of  N(CH3)4- 
TeOFs. 

Vibrational  Spectra  ofN(CH3),<TeOFs.  The  vibrational  spectra 
of  N(CH3)4TeOF5  are  shown  in  Figure  1  and  the  observed 
frequencies,  together  with  their  assignments,  are  summarized  in 
Table  I.  The  assignments  for  the  N(CH3)4+  cation  follow  those 
previously  given15,17*28  for  other  N(CH3)4+  salts  and,  therefore, 
require  no  further  discussion.  The  bands  observed  for  the  TeOF;- 
anion  are  in  general  agreement  with  those  previously  reported25-32 
for  the  Cs+,  Ag+,  [N(n-C4H9)4+],  and  1,8  bis  (dimethylamino)- 
naphthalenium  salts.  The  previous  assignments  and  normal 
coordinate  analyses,30,32  however,  require  substantial  revision  as 
shown  by  the  results  of  our  ab  initio  calculations  (see  Tables 
II— IV).  In  the  previous  studies  v4,  v5,  v6,  vy,  v9,  and  vn  had  been 
incorrectly  assigned.  Our  revised  assignments  are  further 
supported  by  160-180  isotopic  shifts32  and  calculated  infrared 
intensities  (see  Table  II).  These  results  demonstrate  again12,15 
the  great  benefit  of  reliable  ab  initio  calculations  for  the  correct 
analysis  of  vibrational  spectra  complicated  by  coincidences  and 
low  intensities  of  some  of  their  bands. 

Vibrational  Spectra  of  [N(CH3)4]2TeOF4.  The  vibrational 
spectra  of  [N(CH3)4]2TeOF<  are  shown  in  Figure  2  and  the 
observed  frequencies,  together  with  their  assignments,  are 
summarized  in  Table  V.  Since  the  TeOF42-  anion  readily  loses 
an  F-  ion,  it  was  not  possible  to  obtain  spectra  which  were 
completely  free  of  TeOF5-  impurities.  The  bands  due  to  TeOF5- 
have  been  indicated  in  Figure  2  by  dashed  lines,  and  those  due 
to  TeOF«2-  have  been  marked  by  their  frequency  values.  The 
unmarked  bands  belong  to  the  N(CH3)4+  cations. 

Since  the  low  solubility  of  [N(CH3)4]2TeOF6  preempted  its 
characterization  by  NMR  spectroscopy  or  single-crystal  X-ray 
diffraction,  a  thorough  vibrational  analysis  was  carried  out  to 
establish  the  presence  of  the  novel  TeOFg2-  anion.  As  can  be 
seen  from  Table  VI,  the  vibrational  spectra  of  TeOF62-  are  in 
excellent  agreement  with  those  of  isoelectronic  IOF6~  and  our 
results  from  ab  initio  ECP  calculations.  With  the  exception  of 
the  equatorial  TeFs  puckering  mode,  »u,  which  is  difficult  to 
detect  because  of  its  low  intensity  and  frequency,  all  fundamental 
vibrations  expected  for  TeOF62- have  been  observed.  The  observed 
frequencies  deviate  only  by  an  average  of  6.6  cm-1  from  the  scaled 
calculated  frequencies,  and  the  observed  qualitative  infrared 
intensities  are  in  complete  accord  with  the  calculated  values.  The 
symmetry  force  constants  and  potential  energy  distribution  (see 


(29)  Sladky,  F.;  Kropshofer,  H.;  Leitzke,  0.;  Peringer,  P.  J.  Inorg.  Nucl. 
Chem.  Suppl.  1976,  69. 

(30)  Mayer,  R;  Sladky,  F.  Inorg.  Chem.  1975,  14,  589. 

(31)  Thrasher,  J.  S.;  Seppelt,  K.  Z.  Anorg.  Alig.  Chem.  1985,  529,  85. 

(32)  (a)  Strauss,  S.  H.;  Abney,  K.  D.;  Anderson,  O.  P.  Inorg.  Chem.  1986, 
25, 2806.  (b)  Miller,  P.  K.;  Abney,  K.  D.;  Rappe,  A.  K.;  Anderson,  O. 
P.;  Strauss,  S.  H.  Inorg.  Chem.  1988,  27,  2255. 
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Table  VHI.  Internal  Stretching  Force  Constants  (rndyn/A)0  of 
TeOF42"  Compared  to  Those  of  IOF«~ _ _ _ 


iof4- 

TeOF62- 

%  change 

fxo 

6.256 

5.727 

-8.5 

/XF„ 

4.095 

3.811 

-6.9 

•fXFoq 

3.086 

2.383 

-22.8 

«  Calculated  ab  initio  ECP  values  scaled  by  the  square  of  the  scaling 
factors  given  in  the  footnotes  of  Table  VI.  The  values  given  for  IOF6- 
deviate  somewhat  from  those  of  ref  1 5  due  to  the  different  scaling  procedure 
(separate  scaling  of  stretching  and  deformation  modes)  used  to  conform 
with  those  used  for  TeOF62-. 

Table  IX.  Calculated  Geometry  of  TeOF62-  Compared  to  the 
Calculated  and  Experimental  Geometries  of  Isoelectronic  IOF«- 

iof6-" 


TeOFs2-  ealed  ealed  exptl 


r(X-0),A  1.7598  1.7255  1.75-1.77 

rfX-F„),A  1.8400  1.8087  1.82 

*X-F«,),A  1.9373  1.8819  1.88 

Z(OXFeq),  deg  95.9922  95.76  94-96 


‘  Values  from  ref  15. 

Table  X.  Total  Charge  Distributions  for  IOF«-  and  TeOF*2- 

_ IOFt~  °  TcOFt2- _ IOFt-«  TeOFt2- 

centralatom  2.71  2.88  F„  -0.44  -0.60 

Fa,  -0.53  -0.66  0„  -0.74  -0.97 

“  Values  from  ref  15. 

Table  VII),  the  internal  stretching  force  constants  (see  Table 
VIII),  the  calculated  geometry  (see  Table  IX),  and  the  total 
charge  distribution  (see  Table  X)  are  analogous  to  those15  of 
isoelectronic  IOF6-.  As  expected,  the  additional  negative  charge 
in  TeOFs2-  increases  the  central  atom  (6+)-ligand  (6-)  bond 
polarities  which  can,  at  least  partially,  account  for  the  lengthening 
of  the  bonds  and  the  decrease  in  the  values  of  the  force  constants. 
Interestingly,  the  equatorial  Te-F  stretching  force  constant 
decreases  and  the  corresponding  bond  length  increases  by  a  much 
larger  percentage  than  those  of  the  axial  bonds.  This  is  not 
surprising  in  view  of  the  bonding  scheme  previously  proposed15 
for  IOF6-.  This  scheme  assumes  a  semiionic  6-center-l  0-electron 
bond  system  for  the  equatorial  ligands.  Therefore,  these  bonds 
should  be  more  strongly  influenced  by  the  increased  ionicity. 
Since  the  relationships  between  either  bond  lengths  or  force 
constants  and  atomic  charges  are  strongly  nonlinear  and,  at  a 
-1 .0  charge  on  fluorine,  complete  ionization  and  bond  separation 
should  occur,  the  changes  in  the  atomic  charges  of  such  highly 
negatively  charged  fluorine  ligands  (see  Table  X)  should  not  be 
expected  to  be  proportional  to  those  in  the  force  constants  or 
bond  lengths. 

In  summary,  the  vibrational  spectra  observed  for  the  adduct 
between  N(CH3)4F  and  N(CH3)4TeOF5  and  their  thorough 
analysis  firmly  establish  the  presence  of  the  new  TeOF62-  anion 
and  show  that  its  structure  and  bonding  closely  resemble  those 
found15  for  IOF4-. 
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Abstract:  The  new  osmium(VIII)  oxo  fluoride  obtained  from  the  reaction  of  KrF2  and  Os04  in  anhydrous  HF  solution 
and  originally  identifed  as  OsOF6  is  shown  by  quantitative  matenal  balance,  electron  diffraction,  NMR  and  vibrational 
spectroscopy,  and  density  functional  theory  calculations  to  be  m-Os02F4.  The  combined ^  elect: ran  diffraction  study 
and  DFT  calculations  result  in  the  following  geometry:  -  1-674(4)  A,  ros-F^-F883(3)  A  r^p.  1-8  . A, 

,0=05=0  =  103.5(25)°,  /Fc-Os-Fc  =  77.3(26)°,  ZF.-O^F,  =  172.0(3)°,  zO=Os-FM  =  92.4(17)°.  In  addition 
to  the  >*F  NMR  spectrum,  the  187Os  chemical  shift  was  measured  for  rij-0s02F4  from  its  ’’Ff^Os}  inverse  correlation 
spectrum  The  results  from  the  density  functional  theoretical  calculations  show  that  for  Os02F4  the  m-structure  of 
(^'symmetry  is  a  true  minimum  and  that,  in  accord  with  expectations  for  a  d°  transition  metal  complex,  the  trans-Du, 
structure  is  not  a  minimum  energy  structure  and  distorts  to  a  structure. 


Introduction 


The  synthesis  of  novel  fluorides  at  the  limits  of  oxidation  and 
coordination  is  a  great  challenge.  Of  particular  interest  in  this 
respect  is  osmium  because  from  its  oxide  chemistry  this  element 
is  known  to  possess  a  rare  maximum  oxidation  state  of  +VIII. 
Although  the  replacement  of  one  doubly  bonded  oxygen  ligand 
by  two  singly  bonded  fluorine  ligands  does  not  alter  the  formal 
oxidation  state  of  the  central  atom,  such  a  replacement  becomes 
increasingly  more  difficult  with  an  increasing  number  of  fluorine 
ligands.  Thus,  the  effective  electron-withdrawing  power  of  two 
singly  bonded  fluorine  ligands  is  considerably  greater  than  that 
of  one  doubly  bonded  oxygen  ligand,1  and  steric  crowding  of 
ligands  becomes  a  problem  for  coordination  numbers  in  excess 
of  6.J  Therefore,  it  is  not  surprising  that,  in  the  Os(VIII)  series, 
OsF8,  OsOF«,  0s02F4,  0s03F2,  and  0s04,  until  recently  only 
0s04  and  Os03F2  had  been  known  and  well  characterized.3-5 
Two  years  ago,  Bougon  reported6  the  synthesis  of  a  new  Os(  VIII) 
oxo  fluoride  for  which  he  proposed  the  composition  OsOF$.  In 
a  subsequent  brief  note7  by  Christe  and  Bougon,  however,  it  was 
shown  that  this  compound  is  as- 0s02F4  and  not  OsOF$.  In  this 
paper  we  present  the  experimental  evidence  for  this  new  Os- 
(VIII)  oxo  fluoride  being  indeed  0s02F4  and  having  a  cis- 
structure. 
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Experimental  Section 

Materials  and  Apparatus.  Os04  (Aldrich,  99.8%)  was  sublimed  prior 
to  use.  KrF2  was  prepared  by  UV-photolysis  of  Kr  in  liquid  F2  at  -196 
°C  "ring  a  stainless-steel  reactor  equipped  with  a  sapphire  window.*  HF 
(Matheson)  was  dried  by  storage  over  BiF5.9 

Volatile  materials  were  handled  in  a  stainless-steel  vacuum  line  equipped 
with  Teflon-FEP  U-traps,  stainless-steel  bcllows-seal  valves,  and  a  Heise 
Bourdon  tube-type  pressure  gauge.10  The  line  and  other  hardware 
employed  were  passivated  with  ClFj,  BrFs,and  HF.  Nonvolatile  materials 
were  handled  in  the  dry  nitrogen  atmosphere  of  a  glovebox. 

Vibrational  Spectra.  Infrared  spectra  were  recorded  in  the  range 4000- 

200  cm-1  on  a  Perkin-Elmer  Model  283  spectrophotometer.  Spectra  of 
solids  were  obtained  by  using  dry  powders  pressed  between  AgCl  windows 
in  an  Econo  press  (Barnes  Engineering  Co.).  Spectra  of  gases  were 
obtained  by  using  a  Teflon  cell  of  5-cm  path  length  equipped  with  AgCl 
windows.  Raman  spectra  were  recorded  on  a  Spex  Model  1403 
spectrophotometer  using  using  the  647.1-nm  exciting  line  of  a  Kr  ion 
laser.  Sealed  quartz  tubes  were  used  as  sample  containers  in  the  transverse- 
viewing-transverse-excitation  mode.  A  previously  described1 1  device  was 
used  for  recording  the  low-temperature  spectra.  For  the  HF  solutions, 
thin-walled  Kel-F  tubes  were  used  as  sample  tubes. 

Nuclear  Magnetic  Resonance  Spectroscopy.  The  19F  NMR  spectra 
were  recorded  unlocked  (field  drift  <0.1  Hz  Ir1)  on  a  Bruker  AM-500 
spectrometer  as  previously  described.12  No  line-broadening  parameters 
were  used  in  the  exponential  multiplication  of  the  free  induction  decays 
prior  to  Fourier  transformation. 

The  two-dimensional  (19F,  1870s)  inverse  NMR  spectra  were  run  on 
a  Bruker  AMX-300  spectrometer  equipped  with  a  7.0463-T  cryomagnet. 
The  spectra  were  obtained  with  a  5-mm  triple  resonance  >H/31P/X  probe 
with  the  outer  X  coil  tunable  over  a  broad-band  frequency  range  and  the 
>H  channel  retuned  to  19F.  The  experiments  were  carried  out  using  the 
phase-sensitive  (TPPI)  HMQC  pulse  sequence.13-14  The  19F  dimension 
was  generated  with  8  K  data  points  and  a  spectral  width  of  20  000  Hz, 
while  the  1S7Os  dimension  was  generated  with  115  data  points  and  a 

(8)  Christe,  K.  O.;  Wilson,  W.  W.;  Bougon,  R.  A.  Inorg.  Chem.  1986, 25, 
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spectral  width  of  27  777  Hz.  The  number  of  transients  collected  for  each 
ti  increment  was  256.  A  recycling  time  of  2.2  s  was  used.  The  1  /2 J 
delay  was  8  ms.  In  the  1870s  dimension,  the  free  induction  decays  were 
zero-filled  to  2  K  data  points  prior  to  Fourier  transformation;  no  zero- 
filling  was  applied  to  free  induction  decays  in  the  19F  dimension.  This 
gave  data  point  resolutions  of  27  Hz/point  (ll7Os)  and  4.88  Hz/point 
(19F).  The  data  were  processed  using  a  90®  shifted  sine  bell  in  the  19F 
dimension  and  a  60°  sine  bell  in  the  IS7Os  dimension. 

The  19F  spectra  were  referenced  to  a  neat  external  sample  of  CFCb 
at  ambient  temperature.  The  1,7Os  chemical  shift  was  calculated  from 
its  absolute  frequency  using  the  conversion  factor  6.850  099  8  MHz  for 
«(Os04)  =  0.0  ppm  (2 = 2.282  343  MHz).  The  chemical  shift  convention 
used  is  that  a  positive  sign  signifies  a  chemical  shift  to  high  frequency 
of  the  reference  compound. 

Samples  were  prepared  in  prepassivated  25-cm  lengths  of  4-mm  o.d. 
FEP  tubing,  heat-sealed  at  one  end  and  joined  to  a  Kel-F  valve.  The 
CM-OSO2F4  (0.015  15g,  0.050  81  mmol)  was  loaded  into  the  tube  in  the 
drybox.  The  tube  was  transferred  to  a  Teflon  FEP  metal  vacuum  line 
and  anhydrous  HF  was  distilled  in  vacuo  into  the  tube  at  -78  ®C  to  a 
depth  of  3  cm.  The  tube  was  heat-sealed  in  vacuo  while  the  contents  were 
kept  frozen  at-196°C.  On  wanning  of  the  sample  to  room  temperature, 
a  pale  red  saturated  solution  resulted  which  contained  some  solid  cis- 
OSO2F4;  this  solution  was  decanted  into  the  other  end  of  the  tube  before 
the  NMR  spectrum  was  run. 

Electron  Diffraction.  The  electron  diffraction  intensities  were  recorded 
with  a  Gasdiffracktograph  KD-G215  at  two  camera  distances  (25  and  50 
cm)  and  with  an  accelerating  voltage  of  about  60  kV.  The  electron 
wavelength  was  calibrated  with  ZnO  diffraction  patterns.  The  sample 
was  sublimed  at  a  reservoir  temperature  of  40  ®C  and  the  stainless-steel 
inlet  system  and  nozzle  with  0.5-mm  diameter  were  heated  to  50  °C.  The 
photographic  plates  were  analyzed  by  the  usual  methods.16 

Synthesis  of  ciwOsO^.  A  3/4-in.  o.d.  Teflon-FEP  U-trap  that  was 
closed  by  two  stainless-steel  valves  was  passivated,  and  OsO<  (888.7  mg, 
3.496  mmol)  and  dry  HF  (5.1027  g)  were  condensed  in  at  -196  ®C  in 
a  dynamic  vacuum.  In  the  same  manner,  KrF2  (969.1  mg,  7.956  minol) 
was  added,  and  the  resulting  mixture  was  allowed  to  warm  slowly  toward 
room  temperature.  On  warm  up,  gas  evolution  set  in  and  the  originally 
clear,  colorless  solution  and  solid  0s04  phase  turned  orange-brown.  To 
slow  down  the  reaction,  the  reactor  was  intermittently  cooled  with  a  -78 
®C  bath  when  the  gas  evolution  became  too  rapid.  After  completion  of 
gas  evolution,  the  solid  product  in  the  bottom  of  the  reactor  had  turned 
purple.  The  gas  evolution  was  measured  by  cooling  the  reactor  first  to 
-196  ®C  and  then  to-95  ®Cand  measuring  the  amounts  of  noncondensible 
gas  at  each  temperature  by  both  P,  V ,  T  methods  and  by  weight.  The 
gas,  noncondensible  at  -196  °C,  was  identified  as  oxygen  (3.50  mmol), 
and  that  -95  °C  as  Kr  (6.99  mmol).  The  combined  weight  loss  was  696 
mg  (weight  calculated  for  3.496  mmol  of  O2  and  6.992  mmol  of  Kr  = 
697.8  mg).  The  HF  solvent  and  excess  of  KrFj  were  removed  by  pumping 
at  -22  0  C  for  2  h  leaving  behind  1 .047  g  of  a  purple  solid  (weight  calculated 
for  3.496  mmol  of  OSO2F4  =  1.043  g). 

Computational  Methods.  The  density  functional  theory  (DFT)17 
calculations  were  done  with  the  program  DGauss,18  which  employs 
Gaussian  orbitals  on  a  Cray  YMP  computer.  The  initial  basis  set19  for 
O  and  F  is  a  polarized  valence  double-f  set  with  the  form  (621/41/1) 

(13)  Marion,  D.;  Wuthrich,  K.  Biochem.  Biophys.  Res.  Common.  1983, 
113, 967.  Bodenhausen,  G.;  Kogler,  H.;  Ernst,  R.  R.  J.  Magn.  Reson.  1984, 
58,  370. 

(14)  Bax,  A.;  Subramanian,  S.  J.  Magn.  Reson.  1986,  67,  565. 

(15)  Oberhammer,  H.  Molecular  Structure  by  Diffraction  Methods;  The 
Chemical  Society:  London,  1976;  Vol.  4,  p  24. 

(16)  Oberhammer,  H.;Gombler,  W.;  Willner,  H  .J.  Mol.  Struct.  1981, 70, 
273. 

(17)  (a)  Parr,  R.  G.;  Yang,  W.  Density  Functional  Theory  of  Atoms  ami 
Molecules-,  Oxford  University  Press:  New  York,  1989.  (b)  Salahub,  D.  R. 
In  Ab  Initio  Methods  in  Quantum  Chemistry-ll;  Lawley,  K.  P.,  Ed.;  J.  Wiley 
&Sons:  New  York,  1987;p447.  (c)  Wimmer,  E.;  Freeman,  A.  J.;  Fu,  C.-L.; 
Cao,  P.-L.;  Chou,  S.-H.;  Delley,  B.  In  Supercomputer  Research  in  Chemistry 
and  Chemical  Engineering-,  Jensen,  K.  F.,  Truhlar,  D.  G.,  Eds.;  ACS 
Symposium  Series  No.  353;  American  Chemical  Society:  Washington,  DC, 
1987;  p49.  (d)  Jones,  R.  O.;  Gunnarsson,  O.  Rev.  Mod.  Phys.  1989, 61, 689. 
(e)  Zeigler,  T.  Chem.  Rev.  1991,  91,  651. 

(18)  (a)  Andzelm,  J.;  Wimmer,  E.;  Salahub,  D.  R.  In  The  Challenge  of 
d  and f  Electrons:  Theory  and  Computation;  Salahub,  D.  R_,  Zemer,  M.  C., 
Eds.;  ACS  Symposium  Series  No.  394;  American  Chemical  Society:  Wash¬ 
ington,  DC,  1989;  p  228.  (b)  Andzelm,  J.  In  Density  Functional  Methods 
in  Chemistry,  Ed.  Labanowski,  J.,  Andzelm,  J.,  Eds.;  Springer- Verlag:  New 
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and  a  [7/3/3  ]  fitting  basis  set.  Norm-conserving  pseudopotentials20  were 
generated  for  Os  following  the  work  of  Troullier  and  Martins.21  The 
valence  basis  set  for  Os  is  (4.2/4/3.1)  with  a  fitting  basis  set  of  [7/4/5], 
The  calculations  were  initially  doneat  the  local  density  functional  (LDFT) 
level  with  the  local  potential  of  Vosko,  Wilk,  and  Nusair.22  Subsequently, 
the  calculations  were  also  done  at  the  nonlocal  level  with  the  exchange 
potential  of  Becke23  together  with  the  nonlocal  correlation  functional  of 
Perdew24  (NLDFT/BP).  For  this  case,  a  somewhat  improved  valence 
basis  set  of  the  form  (721/51/1)  was  used  for  O  and  F.  Geometries  were 
optimized  by  using  analytical  gradients.18  Second  derivatives  were 
calculated  by  numerical  differentiation  of  the  analytic  first  derivatives. 
A  2  point  method  with  a  finite  difference  of  0.01  au  was  used. 

Results  and  Discussion 

Synthesis  and  Properties  of  OSO2F4.  The  reaction  of  Os04 
with  KtF2  in  anhydrous  HF  solution  proceeds  quantitatively 
according  to  ( 1 ),  as  shown  by  an  excellent  material  balance.  Even 

HF 

Os04  +  2KrF2  -*■  0s02F4  +  2Kr  +  02  (1) 

in  the  presence  of  a  2-fold  excess  of  KrF2  no  further  oxygen- 
fluorine  exchange  was  observed,  and  the  excess  of  KtF2  was 
recovered  unreacted.  These  results  establish  that  the  product 
from  the  Os04  +  KrF2  reaction  is  OSO2F4  and  not  OsOF«  as 
previously  reported.6  The  physical  and  spectroscopic  properties 
of  OSO2F4  (see  below)  are  identical  to  those  previously  ascribed6 
to  OsOF6  and  leave  no  doubt  that  the  two  products  are  identical. 
The  facts  that  the  reaction  between  KrF2  and  Os04  sets  in  at 
temperatures  well  below  the  incipient  decomposition  of  KrF2, 
that  the  yield  of  0s02F4  based  on  KrF2  is  quantitative,  and  that 
under  these  conditions  F2  was  shown  to  be  unreactive  with  HF 
solutions  of  OSO4  establish  that  reaction  (1)  involves  a  direct 
attack  of  KrF2  on  Os04  and  does  not  proceed  through  an  initial 
KrF2  decomposition  to  F  atoms  which  then  react  with  Os04. 

The  0s02F4  is  a  purple  solid  with  a  melting  point  of  90  °C  and 
a  vapor  pressure  of  1  Torr  at  room  temperature.  It  can  be  stored 
at  room  temperature  for  extended  time  periods  without  significant 
decomposition.  It  dissolves  in  anhydrous  HF  to  give  purplish- 
red  solutions.  It  hydrolyzes  rapidly  with  formation  of  HF  and 
a  black  precipitate.  The  X-ray  powder  pattern  of  OSO2F4  was 
identical  to  that  previously  ascribed6  to  OsOF6- 

Nuclear  Magnetic  Resonance  Spectra.  The  ,9F  NMR  spectrum 
of  a  saturated  solution  of  OSO2F4  in  anhydrous  HF  shows  two 
triplets  of  equal  intensity  characteristic  of  an  A2X2  spin  system 
(Figure  1).  This  provides  definitive  proof  of  the  cis  geometry 
adopted  by  0s02F4,  since  the  f/wzr-isomer  would  have  all  four 
fluorine  ligands  equivalent  and  the  19F  NMR  spectrum  would 
only  display  a  singlet  arising  from  the  A4  spin  system.  The  triplet 
multiplicities  arise  from  the  two-bond  F»-Fc  coupling  which  has 
a  value  of  1 38.3  Hz.  At  present,  it  is  difficult  to  make  a  definitive 
assignment  as  to  which  triplet  arises  from  which  fluorine  ligand 
environment,  i.e.,  F-trans-lo-F  (Ft)  or  F-fra/w-to-O  (Fe).  Com¬ 
parison  of  the  19F  chemical  shifts  with  those  in  the  related 
octahedral  species  WOF5-  25  and  ReOFs,26  where  unambiguous 
assignment  of  the  two  environments  can  be  made  from  the 
multiplicities  of  the  resonances,  suggests  that  the  low-frequency 
triplet  (5  =  15.8  ppm)  should  be  ascribed  to  the  F-trans-to-O 

(19)  Godbout,  N.;  Salahub,  D.  R.;  Andzelm,  J.;  Wimmer,  E.  Can.J.  Chem. 
1992,  70,  560. 
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(22)  Vosko,  S.  J.;  Wilk,  L.;  Nusair,  M.  Can.  J.  Phys.  1980,  58, 1200. 

(23)  (a)  Becke,  A.  D.  Phys.  Rev.  A  1988, 38,  2098.  (b)  Becke,  A.  D.  In 
The  Challenge  of  d  and  f  Electrons:  Theory  and  Computation:  Salahub,  D. 
R.,  Zerner,  M.  C„  Eds.;  ACS  Symposium  Series  No.  394;  American  Chemical 
Society:  Washington,  DC,  1989;  p  166.  (c)  Becke,  A.  D.  ltd.  J.  Quantum 
Chem.  Quantum  Chem.  Symp.  1989,  23,  599. 

(24)  Perdew,  J.  P.  Phys.  Rev.  B  1986,  33,  8822. 

(25)  McFarlane,  W.;  Noble,  A.  M.;  Winfield,  J.  M.  J.  Chem.  Soc.  A 1971, 
948. 

(26)  Bartlett,  N.;  Beaton,  S.;  Reeves,  L.  W.;  Wells,  E.  J.  Can.  J.  Chem. 
1964,  42,  2531. 
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Figure  1.  19F  NMR  spectrum  (470.599  MHz)  of  a  saturated  solution  of  cis-OsChF*  in  anhydrous  HF  at  30  °C.  The  vertical  expansion  (X 32)  clearly 
reveals  the  satellites  (denoted  by  asterisks)  arising  from  spin  coupling  of  the  two  19F  Ugand  environments  to  natural-abundance  (1.64%)  Os. 


environment  and  the  high-frequency  triplet  (6  =  63.3  ppm)  to  the 
F-fra/is-to-F  environment.  In  addition,  the  19F  chemical  shifts 
of  the  «s- W02F42-  anion  have  also  previously  been  assigned  with 
the  F-trans-to-F  environment  to  high  frequency  of  the  F-trans- 
to-O  environment.27  On  the  other  hand,  coupling  constant 
considerations  indicate  that  the  assignments  for  cis-OsChF4  should 
be  the  reverse  of  those  given  above.  Since  the  Fe-Os  bonds  are, 
as  a  consequence  of  Fc  being  traits  to  the  stronger  x-donor  oxygen 
ligand,  longer  and  more  polar  than  the  F,-Os  bonds,  the  '/(19FC— 
1870s)  coupling  would  be  expected  to  be  smaller  than  U(l9Fx- 
187Os)  coupling  (vide  infra).  On  this  basis,  the  Fc  environment 
would  be  assigned  to  the  high-frequency  triplet  and  the  F, 
environment  to  the  low-frequency  triplet.  A  similar  ambiguity 
also  exists  for  the  assignment  of  the  F,  and  Fc  environments  in 
the  m-Re02F4-  28  and  m-Tc02F4-  29  anions,  and  the  problem  is 
currently  under  further  investigation. 

At  high  gain,  each  component  of  the  two  triplets  displays  low- 
intensity  satellites  (Figure  1),  which  arise  from  19F  coupling  to 
the  low-abundance  (1.64%)  spin-active  isotope  187Os  (I  -  '/2). 
The  satellites  yield  two  couplings,  viz.,  l/(19Fir-,r7Os)  =  35.1  Hz 
and  ,J(,9Fhr-187Os)  =  59.4  Hz,  for  the  low-frequency  and  high- 
frequency  resonances,  respectively,  which  represent  the  first 
reported  couplings  between  lg7Os  and  ,9F.  As  discussed  above, 
the  actual  assignment  as  to  which  fluorine  ligand  environment 
gives  rise  to  which  coupling  constant  is  not  yet  resolved. 

Osmium- 187  is  the  least  sensitive  nuclide  (receptivity  with 
respect  to  13C  =  1.15  X  lCH)  in  the  Periodic  Table,  and  its 
observation  by  conventional  NMR  techniques  is  very  difficult.30 
Indeed  until  very  recently,  the  only  known  ,87os  chemical  shifts 
were  of  the  standard,  0s04,31  and  a  few  ^-hydrido  dinuclear 
osmium  clusters.32  In  1 990,  Benn  and  co-workers33  obtained  1870s 
NMR  parameters  [viz.,  6(>87Os),  T,(1870s),  and 

i J(1870s-1H)]  from  a  range  of  organo-osmium  compounds  by 
use  of  indirect  2D  NMR  spectroscopy  in  which  the  sensitive  >H 
or  31P  nuclides  were  used  for  observation. 

In  view  of  the  success  of  these  experiments,  it  seemed  worthwhile 
to  attempt  the  acquisition  of  the  1870s  NMR  spectrum  of  cis- 


(27)  Buslaev,  Yu.  A.:  Petrosynants,  S.  P.  /.  Struct.  Chem.  {Engl.  Transl.) 
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C4  Maitlis,  P.  M.  Inorg.  Chim.  Acta  1986, 1 15, 447.  Cabeza,  J.  AjMann, 
B.  E.;  Brevard,  C.;  Maitlis,  P.  M.  /.  Chem.  Soc.,  Chem.  Common.  1985,65. 

(33)  (a)  Benn,  R.;  Brenneke,  H.;  Joussen,  E.;  Lehmkuhl,  H.;  Ortiz,  F.  L. 
Organometallics  1990,  9,  756.  (b)  Benn,  R.;  Joussen,  E.;  Lehmkuhl,  H.; 
Ortiz,  F.  L.;  Rufinska,  A.  J.  Am.  Chem.  Soc.  1989,  111,  8754. 


1 _ 1 - - — 1 - ■ - >- —  • - ' - 

0  5  10  15  20  25  30  35 

s/A-1 

Figure  2.  Experimental  (dots)  and  calculated  (solid  line)  molecular 
intensities  and  differences  for  cis-0s02F4. 


0s02F4  by  indirect  methods  with  !9F  as  the  observation  nuclide. 
Hitherto,  19F  had  only  been  used  in  the  inverse  detection  of  ,3C 
and  183W.34  The  standard  19F[,87Os}  inverse  correlation  spectrum 
obtained  for  a  saturated  solution  of  cis-0s02F4  in  anhydrous  HF 
clearly  reveals  a  correlation  with  the  I87Os  dimension  and  gives 
the  ,87Os  chemical  shift  of  cis-0s02F4  as  1431  ±  10  ppm  with 
respect  to  0s04.  This  experiment  uses  multiplet  quantum 
transitions  which  result  in  the  loss  of  the  passive  heteronuclear 
couplings  in  the  I87Os  dimension.35  So  far,  attempts  to  obtain  a 
spectrum  by  means  of  a  double  INEPT  inverse  experiment,36 
which  should  have  the  ,9F  multiplicity  manifest  in  the  l87Os 
dimension,  have  been  unsuccessful.  The  I87Os  chemical  shift  of 
«s-0s02F4  is  the  first  to  be  reported  for  an  Os(VIII)  oxo  fluoride 
and  is  strongly  deshielded  with  respect  to  Os04.  The  only  other 
precedent  for  this  situation  is  found  in  "Tc  NMR  spectroscopy, 
where  the  chemical  shift  of  the  c«-Tc02F4"  anion  is  deshielded 
with  respect  to  the  corresponding  tetraoxo-species  TcOr,29 
although  chemical  shifts  of  metal  nuclei,  such  as  "Tc,  do  not 
correlate  well  with  the  electronegativity  of  the  substituents.37 

Electron  Diffraction  Analysis.  The  observed  molecular  in¬ 
tensities  in  the  r-ranges  2—18  and  8—35  A~*  at  intervals  of  As  — 
0.2  A->  are  shown  in  Figure  2.  The  radial  distribution  function 
of  0s02F4  (Figure  3)  was  calculated  by  Fourier  transform  of  the 
molecular  intensities  by  applying  an  artificial  damping  function 
exp(— 7s2)  with  7  =  0.002  A2.  In  the  least-squares  refinements 
the  molecular  intensities  were  modified  by  a  digonal  weight  matrix, 
and  known  scattering  amplitudes  and  phases  were  used  38  The 
electron  diffraction  analysis  of  0s02F4  presents  two  major 
problems:  (1)  The  equatorial  and  axial  Os-F  bond  lengths  are 


(34)  Bourdonneau,  M.;  Brevard,  C.  Inorg.  Chem.  1990,  29,  3270. 

(35)  Muller,  L.  J.  Am.  Chem.  Soc.  1979, 101, 448 1 .  Bax,  A.;  Gnffey,  R. 
«  Hawkins,  B.  L.  J.  Am.  Chem.  Soc.  1983, 105,  7188.  Bax,  A.;  Griffey, 
R.7h.;  Hawkins,  B.  L.  J.  Magn.  Reson.  1983, 55, 301 .  MuUer,  L.;  Schiksius, 
R_  A.';  Opetla,  S.  J.  J.  Magn.  Reson.  1986,  66,  379. 

(36)  Bodenhausen,  G.;  Ruben,  D.  J.  Chem.  Phys.  Lett.  1980,  69,  185. 
Benn,  R.;  Brenneke,  H.;  Flings,  A.;  Lehmkuhl,  H.;  Mehler,  G.;  Rufinska,  A; 
Wildt,  T.  J.  Am.  Chem.  Soc.  1988,  1 10,  5661. 

(37)  One  of  the  reviewers  has  pointed  out  that  the  chemical  shift  of ’’Tc 
in  TcOjCHj  is  substantially  downfieid  from  that  in  TcOjF. 
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Figure  3.  Experimental  radial  distribution  function  and  difference  curve . 
The  positions  of  interactomic  distances  are  indicated  by  vertical  lines. 

Table  L  Results  of  Electron  Diffraction  Analyses  and  Theoretical 
Calculations 


Geometric  Parameters 


electron  diffraction4 


model  I 

model  II 

theoretical 

0s=0 

1.674(4) 

1.674(4) 

1.724 

(Os-FJamu 

1.863(3) 

1.863(3) 

1.901 

(Os-Fe)  -  (Os-F.) 

0.000* 

0.040* 

0.040 

Os-Fe 

1. 863(3)' 

1.883(3) 

1.921 

Os-F. 

1.863(3)' 

1.843(3) 

1.881 

0=0s=0 

97.4(56) 

103.5(25) 

102.6 

Fe— Os— Fc 

78.5(21) 

77.3(26) 

78.6 

Fe-0s=0 

92.1(39)' 

89.6(16)' 

89.4 

F.-Os-F. 

85.5(12) 

87.0(15) 

85.0 

0=0-F. 

93.8(8)' 

92A(.ny 

94.1 

F.-Os-F, 

168.6(30)' 

172.0(35)' 

169.0 

Interatomic  Distances  and  Vibrational  Amplitudes  for  Model  II 


r 

1 

r  1 

0s=0 

1.674(4) 

0.046(4) 

Fc-F, 

2.35(7) 

Os-F 

1.863(3) 

0.054(3) 

O-F. 

2.51(4) 

F.-O 

3.53(1) 

0.080(27) 

O-F. 

2.54(4)  0.110* 

F.-F. 

3.68(1) 

F.-Fc 

0-0 

2.57(4) 

2.63(5) 

‘  r.  distances  in  A  and  angles  in  deg.  Error  limits  are  3  <7  values.  *  Not 
refined.  '  Dependent  geometric  parameter. 


very  similar  and  cannot  be  determined  separately.  A  mean  value 
(Os-F)me»B  —  ‘MiOs-Pe)  +  (Os-F,)]  was  refined,  and  the  bond 
length  difference  (Os-Fe)  -  (Os-F,)  was  set  either  to  zero  (model 
I)  or  to  the  theoretically  calculated  value  of  0.040  A  (model  II). 
(2)  In  near-octahedral  structures  all  short  nonbonded  distances, 
which  form  the  peak  near  2.56  A  in  our  radial  distribution  function, 
are  closely  spaced  and  their  assignment  is  not  unique.  As  can 
be  seen  from  Figure  3,  two  pairs  of  distances,  i.e.  the  Fe~Fe  and 
0-0  distances  in  the  equatorial  plane  and  the  F.-F,  and  F,-0 
distances  between  axial  and  equatorial  substituents  can  be 
interchanged.  The  former  interchange  leads  to  an  Fc-Os-Fe  angle 
smaller  than  or  nearly  equal  to  the  0=0s=0  angle  and  the 
latter  interchange  to  Fe-Os-F,  angles  smaller  or  larger  than  the 
0=0s-F,  angles.  The  equatorial  Fe-0s=0  angles  are  nearly 
unaffected  by  thes  interchanges.  While  all  four  possible  assign- 

(38)  Haase,  J.  Z.  Naturforsch.,  A 1970, 25, 936.  The  problems  of  possibly 
inadequate  scattering  amplitudes  or  phases  for  atoms  of  high  atomic  number 
and  the  importance  of  multiple  scattering  have  recently  been  studied  extensively 
for  the  tantalum  compound  (CHjhTaFj,  which  also  contains  a  sixth  row 
element  (Elbel,  S.;  Ober hammer,  H.  To  be  published).  It  was  found  that 
these  possible  inadequacies  in  scattering  theory  have  a  negligible  effect  on 
geometric  parameters  and  lead  to  small  changes  in  vibrational  amplitudes 
only. 


Figure  4.  Molecular  structure  of  gaseous  m-0s02F4  from  combined 
electron  diffraction  and  computational  data. 

ments  for  the  2.56-A  peak  components  fit  the  experimental  radial 
distribution  curve  and  the  molecular  intensities  nearly  equally 
well,  only  one  assignment  is  in  accord  with  our  theoretical 
calculations  (see  below)  and  general  VSEPR  arguments.39  On 
the  basis  of  these,  the  osmium-oxygen  bonding  domains  are  more 
repulsive  than  the  osmium-fluorine  domains  and,  therefore,  the 
O-Os-O  bond  angle  must  be  larger  than  the  equatorial  F-Os-F 
angle,  and  the  axial  fluorine  atoms  must  be  bent  away  from  the 
oxygen  ligands.  Using  this  constraint  for  the  bond  angles  and 
the  resulting  assignments  for  the  individual  components  of  the 
2.56-A  peak  of  the  radial  distribution  curve,  the  diffraction  data 
were  refined  for  both,  model  I  and  model  II,  and  resulted  in  a 
slightly  lower  (by  8%)  R-factor  for  model  II  (see  Table  I).  Since 
the  vibrational  amplitude  for  the  short  nonbonded  distances  causes 
high  correlations  in  the  least-squares  analysis,  this  amplitude 
was  not  refined.  When  five  geometric  parameters  [r(Os-O), 
rfOs-FInK*,,,  zOOsO,  ZFeOsFe,  ZF.OsFJ  and  three  vibrational 
amplitudes  were  refined  simultaneously,  only  one  correlation 
coefficient  had  a  value  larger  than  |0.5|:  FcOsFe/OOsF,  =  -0.79. 
Of  the  two  structural  models  for  0s02F4,  model  II  (Figure  4)  is 
preferred  since  it  results  in  the  lowest  R-factor  and  because 
theoretical  calculations  of  the  type  used  in  our  study  are  known 
to  reproduce  differences  between  bond  lengths  of  similar  types, 
such  as  Os-Fe  and  Os-F„  very  well. 

A  comparison  of  the  structure  of  ris-0s02F4  with  those  of 
OsO,*,40  OsOF*,41  and  OsF«42  shows  the  following  trends: 


The  Os-O  bond  length  increases  with  an  increasing  number  of 
oxygen  ligands;  i.e.,  oxygen  releases  electron  density  to  the  high 
oxidation  state  osmium  central  atom.  This  allows  the  transfer 
of  more  negative  charge  to  the  remaining  ligands,  thereby 
increasing  the  polarities  and  lengths  of  these  bonds.  The  Os-F 
bond  length  also  increases  with  increasing  oxygen  substitution; 
i.e.,  it  increases  from  1.835(7)  A  in  OsOF4  to  an  average  of 
1 .863(3)  A  in  oj-Os02F4.  Obviously,  secondary  effects,  such  as 
the  formal  oxidation  state  of  the  central  atom  and  its  coordination 
number,  will  also  contribute  to  the  bonding  but  cannot  be  analyzed 
at  the  present  time  in  the  absence  of  more  precise  data  and  further 
examples. 

(39)  (a)  Gillespie,  R.  J.  Molecular  Geometry,  Van  Nostrand  Reinhold: 
London,  1972.  (b)  Gillespie,  R.  J.;  Hargittai,  L  The  VSEPR  Model  of 
Molecular  Geometry,  Allyn  and  Bacon:  Boston,  1991. 

(40)  Seip,  H.  M.;  Stolevik,  R.  Acta  Chem.  Scand.  1966,  20,  385. 

(41)  Aldoeichok,  I.  S.;  Ugarov,  V.  V.;  Rambidi,  N.  G.;  Legasov,  V.  A; 
Sokolov,  V.  B.  Proc.  Acad.  Set.  USSR  (Engl.  Transl.)  1981,  257,  99. 

(42)  Weinstock,  B^  Claassen,  H.  R;  Malm,  J.  G.  J.  Chem.  Phys.  1960, 
32,  181.  Claassen,  H.  H.;  Goodman,  G.  L-;  Kimura,  M.;  Scbomaker,  V.; 
Smith,  D.  W.  J.  Chem.  Phys.  1968,  48,  4001. 
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Table  II.  Vibrational  Spectral  Data  for  cif-OsC>2F4 


assgnts  and  approx  mode  descriptions  in  point  group  C-u 


caicd  freq,  cm-1  (IR  int) 


A,  (IR,  R) 

*1 

*2 

*3 

VA 

Vi 

*6 

A2(-,R) 

VI 

n 

B,  (IR,  R) 

V9 

*10 

v\i 

Bj(IR,R) 

*12 

*13 

*14 

*15 

Vtym  OsOj 

sym  comb  of  sym  ax  and  sym  equat  Osr2  stretch 
antisym  comb  of  sym  ax  and  sym  equat  OsF2  stretch 
item  OsQi 

sym  comb  of  ax  and  equat  OsFj  scissor 
antisym  comb  of  ax  and  equat  OsF2  scissor 
OsOi  torsion 
OsFfc  torsion 

I'uOsFj, 

irodOsFa 
Aodc  OsFje 
vu  OsOj 
vu  OsFfc 

sym  comb  of  OOsFc  sciss  and  OsF ^  sciss 
antisym  comb  of  OOsF,  sciss  and  OsF^  sciss 


ft  (25  °C) 

R  (-150  °C) 

NLDFT/BP* 

LDFP 

940s 

943  (100) 

947  (78) 

918 (79) 

673 (59) 

648  (47) 

663 (50) 

590  vs 

580(17) 

578  (24) 

595  (33) 

402  (38) 

376  (1.3) 

374  (5.4) 

350  (31) 

321  (6.0) 

325(13) 

217(1) 

212(1.5) 

212(2.2) 

314(1) 

321  (3.9) 

322  (14) 

95  sh 

100(0) 

95  (7.7) 

680  vs 

680  sh 

676  (198) 

690(203) 

323  (1) 

325  (7.8) 

326(11) 

266  (2) 

269  (38) 

268  (35) 

930  s 

933  (31) 

950(111) 

929(110) 

570  vs 

572  (14) 

553  (43) 

576  (26) 

344(31) 

311  (20) 

317  (25) 

168  (3) 

181  (0.4) 

176  (0.5) 

•  In  addition  to  the  bands  listed,  the  Mowing  very  weak  Raman  bands  were  obscrved:  m  (l)  -  (l^  +  79) 
vibration.  *  Unsealed  frequencies. £  The  stretching  frequencies  were  scaled  by  an  empirical  factor  of  0.94 
observed  ones. 


Figure  5.  Infrared  (A)  and  Raman  (B  and  C)  spectra  of  m-OsOjF,  in 
the  solid  state  (A  and  B)  and  HF  solution  (C).  The  bands  marked  by 
an  asterisk  are  due  to  decomposition  products. 

Vibrational  Spectra.  The  infrared  and  Raman  spectra  of  solid 

OSO2F4  and  the  Raman  spectrum  of  its  HF  solution  are  shown 
in  Figure  5.  The  observed  frequencies,  together  with  their 
assignments  in  point-group  are  listed  in  Table  II.  The 
assignments  were  made  by  comparison  with  the  calculated 
frequencies  and  intensities  (see  Table  II  and  below)  and  are 
unambiguous  for  the  seven  fundamental  vibrations  with  the  highest 
frequencies,  i.e.,  for  the  bands  above  400  cm-1.  In  the  300- 
350-cm-1  region,  four  Raman  bands  were  observed  at  350, 344, 
323  and  314  cm"1,  which  must  be  assigned  to  vs(Ai),  *7(A2), 
r10(Bi),  and  *m(B2).  Of  these,  »S(A,)  and  vuflfc)  involve  vei7 
similar  type  of  motions  and,  by  comparison  with  the  related  SF4 
and  PF4-  44  species,  should  be  of  much  higher  Raman  intensities 
than  the  Os02  rocking  and  the  0s02  torsion  motions.  Therefore, 
p5(Ai)  and  v,4(B2)  were  assigned  to  the  Raman  bands  at  344  and 

(43)  Christe,  K.  O.;  Willner,  H.;  Sawodny.  W.  Spectrochim.  Acta,  Part 
A  1979,  3SA,  1347  and  references  died  therein. 


Table  HL  Calculated  Structure  and  Vibrational  Frequencies 
for  OsO< 


Bond  Distances  (A) 


ldft 

NLDFT/BP 

expt 

KOs-o) 

1.730  1-739 

Vibrational  Frequencies  (cm-1)  and 
IR  Intensities  (km/mol) 

1.71 

sym 

expt 

LDFT 

NLDFT/BP 

965 

1000(0) 

953  (0) 

E 

333 

292  (0) 

323  (0) 

f2 

960 

1027  (359) 

980  (329) 

329 

300  (16) 

339  (10) 

Table  IV.  Geometry  Parameters*  for  OsQ2F< 


edicts) 

(see  Figure  4) 

Cto  ( trans ) 

(see  Figure  6) 

expt 

LDFT 

NLDFT/ 

BP 

LDFT 

NLDFT/ 

BP 

r(  Os-O) 

1.724 

1.735 

1.734 

1.741 

1.674(4) 

KOs-F) 

1.881a 

1.902  a 

1.882  e2 

1.900 

1.843(3)  a 

KOs-F) 

1.921e 

1.944  e 

1.927  el 

1.965 

1.883(3)  e 

/O-Os-O 

102.6 

102.1 

137.2 

136.9 

103.5(25) 

/O-Os-F 

89.4  e 

89.4  c 

106.9  e2 

106.9 

89.6(16)  e 

zO-Os-F 

94.1a 

93.8  a 

81.0  el 

80.9 

92.4(17)  a 

ZF-Os-F 

169.0  a,a 

167.7  a^i 

129.7  elel 

129.2 

172.0(35)  a,a 

ZF-Os-F 

78.6  e,e 

79.1  e,e 

75.2  e2,e2 

75.5 

77.3(26)  e,e 

ZF-Os-F 

85.0  a,e 

85.3  a,e 

77.5  el,e2 

77.6 

87.0(15)  a,e 

*  Bond  distances  in  A.  Bond  angles  in  deg. 


350  cm-1,  respectively,  and  V7(A2)  and  vio(Bi)  to  314  and  323 
cm-1,  respectively.  In  the  200-270-cnr1  region,  three  bands  were 
observed  at  217, 246,  and  266  cm*1,  two  of  which  should  belong 
to  the  OsF^  rocking  mode,  vn(Bi),  and  the  antisymmetric 
combination  of  axial  and  equatorial  OsF2  scissoring,  v6(Ai)  .  Since 
the  246-cnr1  band  has  the  lowest  Raman  intensity  and  can  be 
assigned  to  a  combination  band,  i.e.,  168  +  79  =  247  cm-1,  the 
266-cnr1  Raman  band  was  assigned  to  *u(Bi)  and  the  217-cm 
one  to  v6(Ai).  The  remaining  yet  unassigned  modes,  vis(B2)  and 
j,g( A2),  have  calculated  frequency  values  of  about  176  and  95 
cm-1,  respectively,  and  consequently  are  assigned  to  the  Raman 
bands  observed  at  1 68  and  95  cm*1,  respectively,  leaving  only  two 
very  weak  Raman  features  at  190  (0+)  and  175  (sh)  cm-1  and 
a  probable  lattice  vibration  at  79  cm'1  unassigned.  Although  the 
assignments  below  the  344-cnr1  Raman  line  are  somewhat 


(44)  Christe,  K.  O.;  Dixon,  D.  A.;  Merrier,  H.  P.;  Sanders,  J. 
Schrobilgen,  G.  J.;  Wilson,  W.  W.  Submitted  for  publication  in  J.  Am. 
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Table  V.  Vibrational  Frequencies  (cnr1)  and  IR  Intensities 
(km/mol)  for  Cn,  trans-OsChF* 


sym 

LDFT 

NLDFT/BP 

sym 

LDFT 

NLDFT/BP 

A, 

955 (18) 

925  (30) 

B, 

968(132) 

950  (97) 

726  (82) 

672  (87) 

345  (4.9) 

336(2.8) 

589  (18) 

527  (20) 

256  (3.3) 

255  (2.5) 

403  (7.0) 
333 (12) 
122(0.4) 

385  (2.5) 

321  (15) 
117(0.8) 

706  (159) 
594(5.6) 
304(14) 

638(142) 
537  (5.2) 
299(15) 

a2 

419  (0.2) 

407(0) 

241  (21) 

230  (20) 

96  (3.8) 

89(0) 

Figure  6.  Minimum  energy  C&  structure  of  Os02F»  obtained  from  the 
trans-Du  structure  as  a  starting  point  in  the  LDFT  calculation.  The  Os, 
FI,  and  F2  atoms  are  all  in  one  plane. 

tentative,  the  agreement  with  the  calculated  frequencies  and 
anticipated  intensities  is  quite  good  (see  Table  II).  Hence,  the 
observed  vibrational  spectra  strongly  support  the  pseudooctahedral 
m-structure  established  by  both  the  electron  diffraction  and  the 
NMR  studies. 

Computational  Results.  The  geometries  and  vibrational  spectra 
of  cis-  and  trans- 0s02F4  were  calculated  using  density  functional 
theory  at  the  local  density  functional  (LDFT)  level  with  the  local 
potential  of  Vosko  et  al.22  and  also  at  the  nonlocal  level  with  the 
exchange  potential  of  Becke23  together  with  the  nonlocal  cor¬ 
relation  functional  of  Perdew24  (NLDFT/BP).  To  test  the 
accuracy  of  these  methods,  the  well-known  Os04  molecule40  was 


first  calculated.  The  results  are  summarized  in  Table  III.  As 
can  be  seen,  the  calculated  bond  lengths  are  slightly  longer  than 
the  observed  one,  but  the  calculated  frequencies  and,  in  particular 
thoseat  the  NLDFT/BP  level,  are  quite  close  to  the  experimental 
ones  even  without  scaling. 

The  calculations  for  cis-  and  tra/u-0s02F4  (see  Tables  II,  IV, 
and  V)  show  that  the  m-structure  for  Os02F4  is  a  true  minimum. 
The  Du  trans-structure  is  not  a  minimum  energy  structure  and 
distortstoa  structure  asshown  in  the  Figure  6.  The  minimum- 
energy  structure  is  17.7  keal/mol  lower  in  energy  as  compared 
to  the  minimum-energy  trans-structure  at  the  local  DFT  level 
and  is  15.5  keal/mol  lower  in  energy  than  the  trans-structure  if 
nonlocal  correlations  are  included.  The  fact  that  contrary  to 
I02F4-,  which  exists  as  both  a  cis -  and  trans-isomer,45  OsO^F* 
forms  only  a  stable  cis-isomer  is  in  accord  with  previous  con¬ 
clusions46-4*  that  in  octahedral  dioxo  complexes,  MO2X4,  metals 
with  a  d°  configuration  prefer  a  cis-structure. 
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Note  Added  in  Proof.  After  completion  of  this  work,  two 
publications  dealing  with  0s02F4  appeared.  In  the  first  one 
(Chem.  Ber.  1993, 126, 1331)  Bougon,  Buu,  and  Seppelt  report 
a  crystal  structure.  Their  results  were  severely  hampered  by 
absorption  and  disorder  problems  and,  therefore,  did  not  yield  a 
reliable  geometry  for  0s02F4.  In  the  second  paper  ( Chem.  Ber. 
1993, 126, 1325)  Veldkamp  and  Frenking  report  the  results  from 
ab  initio  calculations  at  the  HF  and  MP2  levels  of  theory.  A 
comparison  of  their  results  with  ours  shows  that  our  density 
functional  theory  calculations  reproduce  the  experimental  values 
much  better  and,  therefore,  should  be  preferred. 
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Abstract  N(CH3)a+PF<-.  the  fust  temple  ofa  PEf  «P t0.  150 

temperature  3>P  and  »F  NMR  spectroscopy  infra diffraction.  The  anion  possesses  a 
functional  calculations,  a  normal  coordinate ^nalyas,  an  equatorial  plane  containing  two  shorter 

pseudo  trigonal  bipyramidal  structure  wi  .  -  rn  solution,  it  undergoes  an  intramolecular  exchange 

equatorial  bonds  and  a  sterically  ac^ffte*  v^ence  elec^n  pa^  I^wtatioiMt^u  observed  for  PF4~  in  solid 

process  by  the  way  of  a  Berry  pseodorotation  mcchamsm__  gaseouTpFr.  The  X-ray  diffraction  study 

N(CH3)4PF4  are  in  excellent  agreement  with  thecal  t  *  =  *  R  =  0  0723  for  268  observed  [F  >  <*£)] 

(tetragonal,  space  group  P42,m,  a -8.465(3)  A,  __  factors  for  ^  equatorial  fluorine  atoms  of  PF4  but 

reflections  suffers  from  a  3-fold  disorder  with  “ne^“1  .  p_F  iength  calculated  for  the  free  ion. 

confirms  its  pseudo  trigonal  bipyramidal  structure  and  the  axial  F  F  Dona  iengm 


Introduction 

Although  PBrT*-6  and  PCV7  salts  have  been  well-known  for 
many  years,  and  the  free  PFr  anion  has  been  observed  by  mass 
SDectroscopy*-'0  and  in  ion  cyclotron  resonance  experiments, 
JoKports on  the  isolation  of  PF4~  salts  could  be  found  m  the 
literature.  The  only  published  attempts  to  prepare  such  salts 
were  negative.  In  1955  Woolf  reported  that  PF3,  when  passed 
over  KF  in  vacuo  at  temperatures  up  to  240  °C,  did  not  form  a 
salt  and  that  KF  and  PF3  at  atmospheric  pressure  and  tempera¬ 
tures  above  200  <*C  produced  KPF*  and  red  phosphorus  in  an 
apparent  disproportionation  reaction.'3  S^rly,  Muctttrties 
and  co-workers  stated*  in  1960  that  KF  or  CsF  absorbs  PF,  at 
about  1 50  °C,  but  that  the  products  were  a  mixture  of  PF«  salts 
and  red  phosphorus  and  not  PF4~  salts.  In  1981,  Wermer  and 
Ault  reported'5  the  isolation  of  the  Cs+PF4‘  ton  pair  by 
codeposition  of  CsF  and  PF3  in  an  argon  matrix;  however,  their 
evidence  for  the  presence  of  such  an  ion  pair  is  weak  since  only 
infrared  spectra  between  about  800  and  550  enr 1  were  presented, 
too  many  bands  were  observed,  and  their  frequencies  do  not 

'  ♦  Dedicated  to  Professor  Wolfgang  Sawodny  on  the  occasion  of  his  60th 

“^Atetract  published  in  Advance  ACS  Abslroas.  February  1.  1994. 
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correspond  weU  to  those  found  in  this  study  for  the  PF4-  anion 

in  NfCH^aPFi-  . 

This  lack  of  evidence  for  PF4-  salts  in  the  previous  literature 
was  surprising  since  the  F-  affinity  of  PF3  (40.2  kcal  moh*)'2  is 
comparable  to  that  of  SO,  (43.8  kcal  moF'),'  which  readdy 
formsstable  SO,F-  salts.  Since  our  recent  synthesis  of Umly 
anhydrous  N(CH3)4F  had  provided  mi  with  «  source  of  soluWe 
fluoride  ion  in  combination  with  a  Urge  and  ^vdy  inert 
stabilizing  counter  cation,  we  decided  to  explore  whether  sal 
containing  the  PFc  anion  could  be  prepared. 

Experimental  Section 

Apparatus  and  Materials.  Volatile  materials  were handled  in  a  flamed- 
out  Pyrex  glass  vacuum  tine  that  was  equipped  with  Kontes 

^IvSndaHcisc  pressure  gauge.  NonvoUtilematemtiwer. 

in  the  dry  nitrogen  atmosphere  of  a  glovebox.  The  infrared  and*a“a" 
^ometeTand  the  X-ray  diffractometer  have  previously  been 

^eianue  methods  were  used  for  the  syntheses  of  and 

the  drying  of  CH3CN.”  PF3  (Ozark  Mahomng)  and  CHF3  (The 
Matheson  Co.)  were  purified,by  fractional  condensation  pnor  to  their 

^Synthesis  of  NICHjIaPFa-  Three  modifications  were  used  for  the 
preparatio^  of  this  compound,  and  all  three  methods  gave  quantitaUve 
yields  of  the  desired  N(CH3)4PF4  salt. 

I  N(CHi)4F  was  loaded  in  thedryboxinto  a  two-piece  Pyrex  ampuie 
tha\  was  closed  by  a  Teflon  valve. 

line  and  cooled  to  -196  *C,  and  about  4  mL  of  liquid  CHsCN  was  aonro 

per  millimole  of  N(CH3)»F.  The  mixture  was  Weflywmmedto^roo 

wmperature  to  dissolve  the  N(CH3)4F  and  cooled  again ^ 
the  addition  of  a  50%  excess  of  PFj.  The  mixture  was  allowed  towarm 
to  ambient  temperature  for  several  hours,  and  M***  produ 
were  pumped  off,  leaving  behind  white,  solid  N(CH3)4PF4. 

“  (16)  Christe.  K.  O.;  Wilson,  W.  W4  Wilson,  R.  D.;  Ban,  R.;  Feng,  J."7 
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II.  The  N(CH3)4F  was  dissolved  in  liquid  CHFj  at  -78  °C,  using 
about  2  g  of  CHFj  per  millimole  of  N(CH3)4F,  followed  by  the  addition 
of  twice  the  required  amount  of  PF3  at  -1 96  °C.  The  mixture  was  wanned 
for  about  10  h  to  -78  °C,  followed  by  the  pumping  off  of  all  material 
that  was  volatile  at  room  temperature.  The  white  solid  residue  consisted 
of  N(CH3)*PF„. 

III.  The  N(CH3)4F  was  placed  into  a  small  volume,  stainless  steel 
Hoke  cylinder  that  was  closed  by  a  valve.  On  the  vacuum  line,  a  15-fold 
excess  of  PF3  was  added  to  the  cylinder  at  -1 96  °C,  and  the  cylinder  was 
kept  at  room  temperature  for  12  h.  The  cylinder  was  cooled  again  to 
-1 96  °C,  and  all  volatile  material  was  removed  by  pumping  during  warm¬ 
up  of  thecylinder  from  -196  °C  to  room  temperature,  leaving  behind  the 
white  solid  N(CH3)*PF<. 

Pyrolysis  of  N(CH3)4PF<-  A  sample  of  N(CH3)4PF4  ( 1 .68  mmol)  in 
a  Pyrex  vessel  was  heated  in  a  dynamic  vacuum  at  165  “C  fee  6.5  h.  The 
volatile  decomposition  products  consisted  of  PF3  (1.51  mmol),  CH3F 
(0.92  mmol),  and  N(CH3)3  (0.92  mmol),  in  good  agreement  with  the 
observed  weight  loss.  The  beige-colored  residue  (85  mg)  was  identified 
by  infrared  and  **F  NMR  spectroscopy  as  a  mixture  of  N(CH3)4+  salts 
of  PF<_,  HPFj-,  and  POF3~.  Differential  scanning  calorimetry  (DSC) 
showed  three  irreversible  endotherms  for  N(CH3)4PF4>  a  very  small  (me 
at  158  CC,  a  medium  one  at  about  238  °C,  and  a  large  one  at  about  246 
°C. 

Crystal  Structure  Determination  of  Single  crystals  of 

N(CH3)4PF4  were  obtained  from  a  CH3CN  solution,  saturated  at  50  °C, 
by  allowing  the  solution  in  a  Teflon-FEP  vessel  to  cool  slowly  to  room 
temperature.  Large  transparent  crystals  were  obtained  that  were  square 
plates  and  grew  as  clusters.  The  crystal  used  had  the  dimensions  of  0.3 
X  0.3  X  0.05  mm. 

The  crystal  was  centered  on  a  Siemens  R3m/V  diffractometer  and 
diffracted  only  at  low  angles  because  of  its  dimensions.  Accurate  cell 
dimensions  were  determined  at  - 1 00  °C  from  a  least-squares  refinement 
of  the  setting  angles  (x,  <t>,  and  26)  obtained  from  14  accurately  centered 
reflections  (with  5.35°  S  26  £  12.77°).  Integrated  diffraction  intensities 
were  collected  using  a  6-26  scan  technique  with  scan  rates  varying  from 
1.5  to  14.65°/min  (in  23)  and  a  scan  range  of  ±0.6°  so  that  the  weaker 
reflections  were  examined  more  slowly.  The  data  were  collected  within 
0<*<10,0<fc<  10,  and  0  <  /  <  6  and  3  <  26  <  40°  using  Ag  Ka 
with  a  graphite  monochromator  (X  =  0.56086  A).  The  intensities  of 
three  standard  reflections  were  monitored  every  97  reflections;  no  decay 
was  observed.  A  total  of  472  reflections  were  collected,  and  270  unique 
reflections  remained  after  averaging  of  equivalent  reflections.  Loren tz 
and  polarization  corrections  were  applied.  The  P42\m  space  group  was 
obtained  from  the  Laue  symmetry,  the  OfcO  extinctions  with  k^2n,  and 
the  non-centrosymmetric  E,  statistics. 

The  solution  was  obtained  by  direct  methods. **  The  structure  consisted 
of  well  separated,  ordered  N(CH3)4+  cations  and  disordered  PF4-  anions. 
While  the  positioning  of  the  N(CH3)4+  cation  was  straightforward  (N 
on  4  and  C  on  1 ),  the  orientation  of  the  PF4~  anion  was  problematic  since 
the  tetragonal  axis  of  the  crystal  was  incompatible  with  the  expected 
geometry  of  the  PF4~  anion.  All  the  atoms  of  PF4*  were  found  on  special 
positions,  Le.,  P  and  F(2)  on  2 .mm  and  F(l)  and  F(3)  on  Mint,  requiring 
disorder  of  the  equatorial  fluorines.  The  assumption  of  2-fokl  disorder 
(structures  a  +  b  given  in  the  Results  and  Discussion  section)  along  the 
equatorial  P— F(2)  axis,  i.e.,  of  a  positional  disorder  of  one  equatorial 
fluorine  atom  and  the  sterically  active  free  valence  electron  pair  on 
phosphorus,  and  of  site  occupancy  factors  (sof)  of  0.25  for  both  F(2)  and 
F(3),  gave  R-factors  of  0.0876  with  268  reflections  and  of  0.0544  with 
185  reflections. 

A  second  disorder  model  assuming  3-fold  disorder  along  the  axial 
F(l)-P-F(l)  axis  with  equal  occupancy  factors  of 0.1667  for  the  three 
equatorial  F  positions  (structures  a  +  b  +  c  given  in  the  Results  and 
Discussion  section)  gave  R-factors  of  0.0867  with  268  reflections  and 
0.0539  with  1 85  reflections  but  did  not  result  in  the  required  equal  bond 
lengths  for  the  three  equatorial  P-F  bonds  and  the  120°  and  180°  bond 
angles  for  the  equatorial  and  axial  PF3  groups,  respectively.  Instead,  the 
geometry  found  was  similar  to  that  found  under  the  assumption  of  2-fold 
disorder. 

A  third  model  was  tested  with  variable  proportions  of  structures  (a  + 
b)  and  c,  while  maintaining  the  sum  of  the  sol's  of  F(2)  and  F(3)  equal 
to  0.5.  Minimum  R-values  of  0.0723  with  268  reflections  and  0.0510 
with  185  reflections  were  obtained  with  sofs  of  0.20  for  F(2)  and  0.30 
for  F(3). 
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Table  1.  Summary  of  Crystal  Data  and  Refinement  Results  for 
N(CH3)4PF4 


space  group 

R42i/n 

a 

8.465(3)  A 

c 

5.674(2)  A 

k(A3) 

406.5(2) 

molecules/unit  cell 

2 

mol  wt  (g  moH) 

181.1 

ealed  density  (g  cm-3) 

1.480 

T(°C) 

-100 

ft  (cm-1) 

1.8 

wavelength  (A)  used  for  data  collcn 

0.560  86 

final  agreement  factors 

R  =  0.0723 
R.  =  0.0745 

Table  2.  Atomic  Coordinates  (X  104)  and  Equivalent  Isotropic 
Displacement  Coefficients  (A2  X  103)  in  N(CH3)4+PF4- 


X 

y 

z 

C/(eq)« 

sof4 

P 

5000 

0 

3962(6) 

60(1) 

0.25 

F(l) 

3567(4) 

1433(4) 

4016(11) 

65(2) 

0.50 

F(2) 

5000 

0 

6645(13) 

53(2) 

0.20 

F(3) 

-1087(11) 

6087(11) 

6759(29) 

101(4) 

0.30 

N 

0 

0 

0 

33(2) 

0.25 

C 

1450(6) 

104(8) 

-1526(8) 

42(1) 

1.00 

‘  Equivalent  isotropic  U  defined  as  one-third  of  the  trace  of  the 
orthogonalized  f/,y  tensor.  *  Site  occupancy  factor. 


Table  3.  A  Comparison  of  the  Apparent  Interactive  Distances  (A) 
and  Bond  Angles  (deg)  of  PF4~  from  the  X-ray  Diffraction  Study 
with  Those  Calculated  at  the  SCF  Level  for  Free  Ordered  PF4~  and 
with  the  Apparent  Geometries  of  the  Free  Ion  When  Subjected  to 
Either  2-Fold  or  3-Fold  Disorder  with  Equal  Occupancy  Factors 

ealed  geometries  of  the  free  ion 


apparent  geometry  2-fold  3-fold 

from  crystal  structure  ordered  disordered  disordered 


P-F(l)» 

1.716(1)  [1.726]* 

1.741 

1.736 

1.741 

P-F(2)„ 

1-522(8)  [1.559] 

1.604 

1.604 

<1.604 

P-F(3)„, 

1.386(5)  [1.410] 

1.604 

<1.604 

F(2)-P-F(3) 

108.0(5) 

99.9 

99.9 

120 

F(l)— P— F(l) 

178.0(5) 

168.3 

172.4 

180 

F(!)-P-F(2) 

89.0(2) 

86.2 

86.2 

90 

F(l)-P-F(3) 

90.3(6) 

86.2 

90.4 

90 

F(3)-P-F(3A) 

143.9(12) 

160.2 

120 

•  The  values  in  square  brackets  have  been  corrected  for  libration. 


The  possibility  of  disorder  higher  than  3,  such  as  the  8-fold  disorder 
found  for  BF4_  in  EffCH^rBEr,20  was  also  examined  but  was  found  to 
be  incompatible  with  the  symmetry  requirements  of  our  preferred  space 
group.  Furthermore,  the  Fourier  difference  map  revealed  no  significant 
electron  density  in  theequatorial  plane  after  subtraction  of  the  phosphorus 
and  the  three  original  equatorial  fluorine  positions.  In  the  final  difference 
Fourier  map,  the  maximum  and  minimum  electron  densities  were  0.92 
and  -0.58  e  A-3,  with  the  maximum  located  near  the  P  atom. 

A  summary  of  the  crystal  data  and  refinement  results  for  the  3-fold 
disordered  model  with  unequal  occupancy  factors,  the  final  atomic 
coordinates,  equivalent  isotropic  thermal  parameters  and  site  occupancy 
factors,  and  the  important  apparent  bond  lengths  and  angles  for  the  PF4~ 
anion  are  given  in  Tables  1-3.  The  apparent  bond  lengths  corrected  for 
librational  motion  are  also  given  in  Table  3  and  are  used  throughout  the 
following  discussion.  A  summary  of  the  structure  determination, 
anisotropic  displacement  coefficients,  H-atom  coordinates  and  their 
isotropic  displacement  coefficients,  and  the  observed  and  calculated 
structure  factors  are  given  in  the  supplementary  material.  Tables  S 1-S4. 

Nuclear  Magnetic  Resonance  Spectroscopy.  The  19F  and  3,P  NMR 
spectra  were  recorded  unlocked  (field  drift  <  0.1  Hz  Ir1)  on  a  Broker 
AM-500  spectrometer  equipped  with  an  11.744T  cryomagnet.  Tem¬ 
peratures  were  measured  with  a  copper-oons  tan  tan  thermocouple  inserted 
directly  into  the  sample  region  of  the  probe  and  were  considered  accurate 
to  ±1  °C.  The  spectra  were  referenced  to  neat  external  samples  of 
CFC13(,5F)  and  85%  HjP04(31P)  at  ambient  temperature.  The  IUPAC 
chemical  shift  convention  was  used. 

Samples  for  3,P  NMR  spectroscopy  were  prepared  in  9-mm-o.d.  FEP 
NMR  tubes  as  described  previously*1  using  a  2.4-fold  excess  of  N(CH3)4F 

(20)  Giuseppetti,  G.;  Mazzi,  F4  Tadini,  C.  Z.  Kristallogr.  1992,  202, 81. 
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and  CH3CN  as  a  solvent.  The  >’F  NMR  samples  were  prepared  in  an 
analogous  fashion  using  4-mm-o.d.  FEP  N  MR  tubes  and  a  3.7-fold  excess 
of  N(CH3)4F  and  CHjCN  (0.25  mL). 

Computational  Methods.  The  density  functional  theory21  calculations 
were  done  with  the  programs  DGauss,22  which  employs  Gaussian  orbitals, 
and  DMol,23  which  employs  numerical  orbitals,  on  a  Cray  YMP  computer. 
In  DGauss,  the  local  potential  of  Vosko,  Wilk,  and  Nusair24  b  used.  The 
calculations  were  done  at  theself-consistent  nonlocal  level  with  the  nonlocal 
exchange  potential  of  Becke25  together  with  the  nonlocal  correlation 
functional  of  Perdew.26  The  basis  set  on  P  has  the  form  (7321/621/1) 
and  that  on  F  has  the  form  (721/621/1  ).27  The  fitting  basis  has  the  form 
(9 /4 /4)  for  P  and  (7 /3/3)  for  F. 

The  DMol  calculations  weredone  with  a  polarized  double- f  numerical 
basis  set,18  using  the  local  potential  of  von  Barth  and  Hedin.28  Geometries 
were  optimized  by  using  analytical  gradients.22  Second  derivatives  were 
calculated  by  numerical  differentiation  of  the  analytic  first  derivatives. 
A  two-point  method  with  a  finite  difference  of  0.01  au  was  used. 

The  ab  initio  molecular  orbital  calculations  were  done  with  the  program 
systems  GRADSCF29  and  Gaussian  9230  on  a  Cray  YMP  computer.  The 
geometries  were  optimized  by  using  analytic  gradient  methods31  at  the 
SCF  and  MP2  levels.32  Force  fields  were  also  evaluated  analytically33 
at  the  SCF  and  MP2  levels.  The  basis  sets  are  of  polarized  double- f 
quality  for  P34  and  F.35 


Results  and  Discussion 

Synthesis  and  Properties  of  N(CH3)4PF4.  The  synthesis  of 
N(CH3)4PF4,  the  first  known  example  of  a  PFr  salt,  was  achieved 
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according  to  eq  1.  The  salt  is  formed  in  quantitative  yield  by 

N(CH3)4F  +  PF3  —  N(CH3)4PF4  (1) 

reacting  an  excess  of  PF3  with  N  (CH3)4F  in  a  suitable  solvent 
such  as  CH3CN  at  room  temperature,  CHF3  at  -78  °C,  or  liquid 
PF3  either  at  or  below  room  temperature.  Due  to  the  relatively 
low  boiling  points  of  CHF3  and  PF3>  the  synthesis  in  CH3CN 
solution  is  preferred  and  can  be  carried  out  in  standard  glassware. 
Attempts  to  prepare  CsPF4  from  CsF  and  liquid  PF3  at  room 
temperature  were  unsuccessful.  The  only  observed  reaction 
product  was  a  small  amount  of  CsPF6. 

The  N(CH3)4PF4  salt  is  a  white  crystalline  salt  which  is  stable 
up  to  about  150  °C,  at  which  temperature  it  starts  to  slowly 
decompose  according  to  eqs  2  and  3,  with  eq  2  being  faster  than 
eq  3. 


N(CH3)4PF4  —  N(CH3)4F  +  PF3  (2) 

N(CH3)4F  N(CH3)3  +  CH3F  (3) 

The  successful  synthesis  of  the  PF4~  anion  and  its  good  thermal 
stability  are  in  accord  with  the  high  F~  affinity  of  PF3  (40.2  kcal 
mol*1)12  and  was  made  possible  by  the  availability  of  a  soluble, 
anhydrous  F~ion  source,  i.e.,  N(CH3)4F.16  The  use  of  anhydrous 
and  hydroxyl-  and  HF-free  conditions  is  important  in  view  of 
PF4-  undergoing  the  following  facile  reactions  4—8.  These  reac- 

2PF4~  +  2H20  —  HPF5- +  HP02F  +  2HF  (4) 
PF4‘  +  FI20  +  2N(CH3)4F  -  POFf  +  2N(CH3)4HF2  (5) 
PF4"  +  CH3OH  —  PF2(OCH3)  +  HF2'  (6) 
PF4-  +  2CH3OH  -*  PF(OCH3)2  +  HF  +  HFf  (7) 

PF4-  +  HF  —  HPFj-  (8) 

tions  have  been  studied  in  detail  by  multinuclear  NMR  and 
vibrational  spectroscopy  and  will  be  discussed  in  a  separate 
publication.36 

3,P  and  ,9F  NMR  Spectroscopy  of  the  PF4_  Anion.  The  31P 
NMR  spectrum  of  N(CH3)4PF4  in  CH3CN  at  —40  °C  reveals  a 
broad  singlet  (Arq/2  =163  Hz)  at  5  —  42.3  ppm.  The  lack  of  fine 
structure  indicates  that  the  PF4~  anion  undergoes  relatively  fast 
intermolecular  exchange  under  these  conditions.  However,  when 
a  1.5  M  excess  of  N(CH3)4F  is  added  to  the  sample,  the 
intermolecular  exchange  is  slowed  down  and  the  3,P  NMR 
spectrum  at  -46  °C  (Figure  1)  reveals  a  triplet  of  triplets  at  5 
=  40.5  ppm.  This  is  in  agreement  with  the  pseudo  trigonal 
bipyramidal  structure  expected  for  PFr  according  to  the  VSEPR 
model.37-38  The  coupling  pattern  arises  from  the  coupling  of  the 
phosphorus  to  the  two  inequivalent  sets  of  fluorine  ligands:  '/(31P- 
i9f„)  =  660  Hz  and  I/(3lP-19Feq)  =  1405  Hz.  Six  of  the  inner 
lines  of  the  multiplet  are  broader  than  the  central  and  two  outer 
lines.  This  pattern  is  indicative  of  the  PF4_  anion  undergoing  an 
intramolecular  ligand  exchange  process  in  which  both  equatorial 
and  axial  ligands  interchange  at  the  same  time.39  In  order  to 
confirm  this,  a  series  of  variable  temperature  31P  NMR  spectra 

(36)  Christe,  K.  O.;  Dixon,  D.  A.;  Sanders,  J.  C.  P.;  SchrobUgen,  G.  J.; 

Wilson,  W.  W.  To  be  published.  . 

(37)  Gillespie,  R.  J.  Molecular  Geometry,  Van  Nostrand  Reinhold  Co.: 

London,  1972.  ,  ,  ,  „  ,  , 

(38)  Gillespie,  R.  J.;  Hargittai,  I.  The  VSEPR  Model  of  Molecular 
Geometry,  Allyn  and  Bacon:  Boston,  1991. 

(39)  Steigel  A.  In  NMR-Basic  Principles  and  Progress,  Die!,  P.,  Fluck, 
E.,  Kosfeld,  R.,  Eds.;  1978;  VoL  15,  p  1  and  references  therein. 
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Table  4.  Exchange  Rate  Data  Extracted  from  Variable 
Temperature  31P  NMR  Spectra  of  N(CH3)4PF4  Dissolved  in 
CH3CN  Containing  a  1.5  M  Excess  of  N(CH3)4F _ 


r.K 

Jt.s-'XIO2 

T,  K 

*,s->  x  10* 

227 

1.00 

250 

8.50 

233 

1.60 

260 

25.0 

240 

3.10 

275 

56.0 

were  obtained  over  the  range  —46  to  21  °C  (Figure  1).  The 
observed  changes  in  the  multiplet  pattern  on  raising  the 
temperature  are  anaiogus  to  those  found  in  the  XPF4  senes  of 
molecules  (where  X  =  N(CH3)2,  Cl  or  CH ,)*>  and  are  consistent 
with  a  mechanism  in  which  both  equatorial  and  axial  ligands 
interchange  simultaneously.39-40  The  31PNMRspectra  measured 
at  the  highest  temperatures  reveal  significant  broadening  of  the 
multiplet  components  as  a  result  of  intermolecular  fluoride 
exchange,  and  in  addition,  the  samples  turned  orange  in  color 
due  to  attack  of  the  excess  F~  on  the  CHjCN  solvent.41  The 
mechanism  by  which  the  intramolecular  ligand  exchange  process 
occurs  in  PF4-  is  most  likely  the  classical  Berry  pseudorotation 
mechanism42  involving  a  pyramidal  transition  state  with  four 
equivalent  fluorine  positions  43 


However,  it  should  be  noted  that  NMR  spectroscopy  alone  could 
not  distinguish  between  this  and  other  mechanisms  that  result  in 
the  same  permutation  of  fluorine  nuclei.39-40  Other  mechanisms 
have  been  favored  for  compounds  such  as  CIF3,44  which  possesses 
two  free  valence  electron  pairs  on  the  central  atom,  or  SiH4F  45 
and  PFUF,44  where  in  the  minimum  energy  structures,  the  two 
axial  positions  are  occupied  by  one  fluorine  and  one  hydrogen 
Ijganit  For  PF4-,  the  rate  constants  have  been  determined  at 
different  temperatures  by  visual  matching  of  the  experimental 
spectra  with  those  generated  by  the  DNMR  3  simulation 
program47  for  exchanging  systems  (See  Table  4).  Using  previously 
established  equations48  and  an  Eyring  plot  of  the  rate  data  (Figure 
2),  AH*  and  AS*  were  determined  to  be  43  ±  2  kJ  mol  and  -1 3 
±  2  J  K'1  mol-1,  respectively.  These  values  compare  well  with 
values  obtained  for  the  intramolecular  exchange  process  in  the 
isoelectronic  SF4  molecule49-31  and  the  theoretical  value  for  AH* 
(see  Theoretical  Calculations  section).  For  SF^  the  values 
obtained  for  purified  neat  liquid  ( AH*  =  49.2  kJ  mol'1,  AS*  = 
4.4  J  K“‘  mol'1)  and  gaseous  {AH'  =  51.9  kJ  mol-1,  AS*  =  9.3 
J  K'1  mol*1)  samples  of  SF4  are  regarded  as  the  most  reliable, 
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Figure  3.  The  19FNMR spectrum  (470.599  MHz)at-46*Cof N(CH3)4- 
PF4  in  CH3CN  containing  a  1.5  M  excess  of  N(CH3)4F. 


since  they  represent  the  highest  AH*  and  most  positive  AS* 
values.50-51  The  somewhat  lower  values  of  AH*  and  AS*  obtained 
for  PF4-  can  probably  be  ascribed  to  the  effects  of  some 
intermolecular  fluoride  exchange. 

The  ,9F  NMR  spectrum  at -46  °C  of  N (CH3)4PF4  in  CH3CN 
containing  a  3.7  M  excess  of  N(CH3)4F  shows,  in  addition  to  a 
signal  due  to  excess  F",  resonances  attributable  to  PF4-,  POFf, 
and  HPF5-  The  latter  two  species  comprised  approximately  1 0- 
1 5%  of  the  total  phosphorus  in  the  sample  and  are  thought  to 
have  arisen  from  the  adventitious  hydrolysis  of  the  PF4-  anion 
during  synthesis  or  storage.  The  reactions  giving  rise  to  these 
products  will  be  described  in  detail  in  a  separate  article.36  The 
resonances  arising  from  the  PF4"  anion  (Figure  3)  comprise  two 
doublets  of  triplets  attributed  to  the  axial  (5  =  9.3  ppm)  and 
equatorial  (3  =-46.7  ppm)  fluorine  ligand  environments,  in  accord 
with  the  pseudo  trigonal  bipyramidal  structure  for  PF4-  The 
doublet  splittings  arise  from  the  one-bond  couplings  !/(31P-19F„) 
and  I./(31P-1,Foq)  and  are  in  agreement  with  those  measured  from 
the31Pspectrum.  The  smaller  triplet  splittings  arise  from  2/(19F„- 
19^)  =  108  Hz.  The  chemical  shift  assignments  are  based  on 
the  magnitudes  of  the  >y(3ip-19F)  values  for  each  resonance.  The 
magnitude  of  >/(31  P-I9F«,)  is  expected  to  be  greater  than  that  of 
1 7(31  P-i9F„)  because  of  the  higher  s-charactcr  of  the  equatorial 
bonds.  This  agrees  with  the  fact  that  the  P-F*,  bond  length  is 
shorter  than  the  P-F„  bond  length  (see  below).  In  the  room 
temperature  19F  NMR  spectrum  of  PFr  the  two  doublets  of 
triplets  collapse  into  a  single  broad  (half-width  ~  400  Hz)  line 
due  to  the  above-mentioned  axial-equatorial  ligand  exchange. 

Vibrational  Spectra.  The  infrared  and  Raman  spectra  of  solid 
N(CHJ)4PF4  are  shown  in  Figure  4,  and  the  observed  frequencies 
together  with  their  assignments  are  summarized  in  Table  5.  The 
bands  due  to  PFr  have  been  marked  in  Figure  4  with  their 
frequency  values.  The  remaining  bands  belong  to  the  N(CH3)4+ 
cation,  and  their  assignments  have  previously  been  discussed  and 
are  well  understood.16-1*  As  can  be  seen  from  Figure  4,  the  Raman 
spectrum  of  N(CH3)4PF4  is  dominated  by  the  cation  bands,  while 
in  the  infrared  spectrum  the  PFr  bands  are  more  prominent. 
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N(CH3)«PF4. 


Table  5.  Vibrational  Spectra  of  NfCHriaPFa  and  Their 
Assignments 
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Ra 

N(CH3)4+  (7V) 

PF4"  (Cm) 

3500  vw 

3415  vw 

3120  sh 

A 

3043  m 

3042 (30) 

»5(E) 

2975  w 

2996  (10) 
2962  (23) 
2920(7) 

*m(F2) 

L  *i(Ai) 
f"  +  combin 

2780  vw 

2755  vw 

2663  vw 

2622  vw 

2585  w 

2521  vw 

1940  vw,  br 
1815  vw 

2895  sh 
2813  (7) 

J 

bands 

1776  vw 

1686  vw 

1550  sh 

1493  s 

*-is(F2) 

1444  vw 

1476  (73) 

»2(Ai),  v«(E) 

1416  m 
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vifAi) 
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745  sh  | 

1 

*s(B2) 
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475  vw 

476(28)  j 
459(35)  i 

1  »U.(F2) 

1 

v«(B,) 
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375  (22) 

»«(E) 

•^(Ai),  r7(Bi) 

»2(Al) 

290  mw 

vsCBj) 

210(2) 
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The  bands  due  to  the  PF4-  anion  are  summarized  in  Table  6. 
Their  assignments  in  point  group  Cm  were  made  by  comparison 
with  those  of  isoelectronic  SF452  and  with  the  frequencies 


(52)  Sawodny,  W.;  Birk,  K.;  Fogarasi,  G.;  Christe,  K.  O.  Z.  Naturforsch., 
B  1980, 35B,  1 137  and  references  cited  therein. 


calculated  for  PF4~  (see  below).  Their  agreement  is  satisfactory. 
As  expected,  the  formal  negativecharge  in  the  PF4"  anion  increases 
the  negative  charge  on  the  fluorine  ligands  and,  hence,  the  (5+)P- 
F(5~)  bond  polarity.  This  results  in  a  general  lowering  of  the 
frequencies  and  stretching  force  constants  relative  to  the  neutral 
SF4  molecule. 

A  comparison  of  our  infrared  spectrum  for  PF4~  in  N(CH3)4- 
PF4  with  that  attributed  by  Wermer  and  Ault  to  a  Cs+PF4~  ion 
pair  in  an  argon  matrix1 5  shows  only  little  similarity.  This  implies 
that  PF4-  in  the  two  species  is  either  very  different  or  that  the 
species  observed  in  the  matrix  might  not  have  been  PF4~. 

Theoretical  Cakulatioos  and  Normal  Coordinate  Analyses.  The 
electronic  structure  of  PF4“  was  calculated  using  both  local  (  LDF) 
and  nonlocal  (NLDF)  density  functional  theories  and  molecular 
orbital  theory  at  the  self-consistent  field  (SCF)  and  MP2  levels. 
All  calculations  resulted  in  a  pseudo  trigonal  bipyramidal  structure 
of  Cm  symmetry  as  the  minimum  energy  structure  (see  Table  7). 
To  obtain  a  better  feel  for  the  quality  of  these  calculations,  the 
well-known  PF3  molecule53-55  was  also  calculated  by  the  same 
methods.  As  can  be  seen  from  Table  8,  the  SCF  calculation 
duplicates  best  the  experimental  geometry  and  vibrational 
frequencies  of  PF3.  Therefore,  the  SCF  values  are  also  preferred 
for  PF4"  and  are  in  good  agreement  with  the  experimentally 
observed  values  (see  Table  7).  This  good  agreement  clearly 
demonstrates  that  the  geometries  of  PEr  in  solid  N(CK3)4PF4 
and  that  calculated  for  the  free  ion  must  be  very  similar,  indeed. 

The  geometry  parameters,  calculated  for  PFrat  different  levels 
of  theory  (see  Table  7),  show  some  interesting  trends.  Correlation 
effects  are  significant  and  at  the  MP2  level  lengthen  r(P-Fe,)  by 
0.05Aandthe  already  longer  P-F„  bond  by  a  somewhat  smaller 
value  of  0.03  A.  The  LDF  calculations  show  bond  lengths 
comparable  to  those  obtained  at  the  MP2  level.  Inclusion  of 
self-consistent  nonlocal  effects  increases  both  the  axial  and 
equatorial  bond  lengths  with  the  larger  effect  on  the  axial  bond. 
Comparison  of  our  calculations  with  those56  previously  carried 
out  by  O’Keeffe  using  a  631G*  basis  set  shows  that  the  results 
agree  within  0.01  A.  The  HFS/LDF  results57  of  Gutsev  are  also 
in  reasonable  agreement  with  our  LDF  results,  considering  the 
differences  in  the  basis  sets,  method,  and  local  potential. 

A  normal  coordinate  analysis  was  carried  out  for  PFr.  The 
internal  and  symmetry  coordinates  and  the  explicit  F  matrix  used 
were  identical  to  those  previously  published52  for  isoelectronic 
SF4.  The  nine  fundamental  vibrations  of  PF4~  of  Cm  symmetry 
can  be  classified  as  T  =  4A3(IR,Ra)  +  A^Ra)  +  2Bi(IR,Ra) 
+  2B2(IR,Ra),  whereby  the  Bj  modes  were  arbitrarily  chosen  to 
be  symmetric  to  the  symmetry  plane  defined  by  the  equatorial 
PF2  group.  Since  the  scaled  SCF  frequencies  of  PFr  duplicate 
best  the  experimentally  observed  ones,  the  scaled  SCF  force  field 
was  used  and  is  given  in  Table  9.  The  potential  energy  distribution 
(PED)  is  shown  in  Table  10.  The  internal  stretching  force 
constants  of  PF4_  are  given  inTable  1 1  and  arc  compared  to  those 
of  isoelectronic  SF452  and  the  phosphorus  fluorides  PFj,55-58-59 
PF<f  «  and  PF5.61’62 

The  results  of  the  normal  coordinate  analysis  demonstrate  that, 
by  analogy  with  isoelectronic  SF4,52  the  symmetric  equatorial 
and  axial  bending  motions,  *j(Ai)  and  v4(A3),  are  highly  mixed, 

(53)  Morino,  Y.;  Kuchitsu,  K.;  Moritani,  T.  Inorg.  Chem.  1969, 8.  867. 

(54)  Hirota,  E.;  Morino,  Y.  J.  Mol.  Spectrosc.  1978, 33, 460.  Kawasbima, 
Y.;  Cox,  A.  P.  J.  Mol.  Spectrosc.  1977, 65,  319. 

(55)  Reichman,  S.;  Overend,  J.  Spectrochim,  Acta,  Part  A  1970,  26A, 
379.  Reichman,  S.  J.  Mol.  Spectrosc.  1970, 35, 329.  Small,  C.  E.;  Smith, 
J.  G.  J.  Mol.  Spectrosc.  1978,  73,  215. 

(56)  O’Keeffe,  M.  J.  Am.  Chem.  Soc.  1986, 108, 4341. 

(57)  Gutsev,  G.  L.  J.  Chem.  Phys.  1993,  98,  444. 

(58)  Breidung,  J.;  Thiel,  W.  J.  Comput.  Chem.  1992, 13,  165. 

(59)  Breidung,  J.;  Schneider,  W4  Thiel,  W.  J.  Mol  Spectrosc.  1990, 140, 
226. 

(60)  Sawodny,  W.  Habilitatioc  Thesis,  University  of  Stuttgart,  Germany, 
1969. 

(61)  Marsden,  C.  J.  J.  Chem.  Phys.  1987,  87, 6626. 

(62)  Christen,  D.;  Kadel,  J.;  Liedtke,  A.;  Minkwitz,  R-;  Oberbammer,  H. 
J.  Phys.  Chem.  1989,  93,  6672. 
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_ _  8C°— - - -  vibrational  freq  (cm->)  and  relative  infrared  intensity  - - _ 
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NLDF/BP*  1.673  1.814  99.2  171-0  87.1  ^  ;  422(Ra)  446  s  210  (R»)  515  w  - - - 

_  ...  _r  nC  - 
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Table  8.  Experimental  and  Calculated  Geometries  and _  Vibrational  Frequencies  of '  PF, ^  ____  ^  intensi" 

computational  geometry  _  ^  _ rt(Ai) - - -  ^(!L- - - 


method 

SCF 

MP2» 

LDP 

NLDF/BP 
exptl  values 


rr  r(A) 

1.562 

1.602 

1.616 

1.622 

1.561(1) 


/FPF  (deg) 

97.2 

97.4 

96.9 

97.6 

97.7(2) 


„(A,) 

896(182) 
884  (143) 
834 

813(134) 
892  s 


V2(Al) 

486  (43) 
465  (30) 
420 

431 (21) 
488  m 


.■i(E) 

859  (468) 
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780  (420) 

860  vs 
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206(8) 
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F55  1-482 _ _ _ _ _ j  /  J2  stretch-bend  interaction  constants  in  mdyn/rad. 

m  mdyn  A/rad>,  and  stretch-bend 

Stretchmgco  _  T,He  n.  stretching  Force  Constants  (mdyn/A)  of 

Table  10.  Potential  Energy  Distribution  for  PF« _ _ _  t0  Those  of  SF«,  PF3,  PF6~.  and  PF;  _ _ 


freq,  cm-1 


PED,  % _ 

60.2(1)  +  20.5(3)  +  15.7(4)  +  3.6(2) 

91.7(2) +  7.8(2) +  0.5(4) 

50.2(3)  +  45.5(4)  +  4.0(1)  +  0.3(2) 
52.7(4)  +  46.9(3)  +  0.3(2)  +  0.1(1) 
100(5) 

57.8(6) +  42.2(7) 

57.2(7)  +  42.8(6) 

89.9(8)  +  10.1(9) 

99.7(9) +  0.3(8)  _ _ 


with  v,  being  a  symmetric  combination  and  v4  being  an 
antisymmetric  combination  of  the  corresponding  symmetry 
coordinates. 


1 —r 


Table  11.  Stretching  Force  Constants  (mdyn/A)  of  PF4'  Compared 

to  Those  of  SF4,  PF3,  PFt-,  and  PFs  - — - - — 

- S£  PF4~  ^  PF^~ 

- 5405  L940  5470  4.02  6.47 

C  0.240  0.264  0.449  5.45 

Aox  3.150  1.822 

/£?  0.329  0.338  _ _ _ 

■  “  Values  from  ref  52.  ^aWdsTrom  refs  55, 58.  c  Values  from  ref  60. 
d  Values  from  ref  62. 

The  ,4(  A,)  mode  has  the  lowest  frequency  of  all  the  PF«-i mod« 
Ind  represents  the  motion  involved  in  the  Berry  pscudorotation 
-Vionicm  fcee  above).  Its  frequency  ts  comparable  with  bu 
Sightly  lower  than  that  in  SF4  and  supports  the  concltmonfrOTi 
our  NMR  study  (see  above)  that  the  activation  en  gi 

SF4  and  is  due  to  the  more  similar  frequency  values  of  *6  and  r, 
“  To  verify  the  Berry  pseudorotation  mechanism,  we  have  also 

an  MP2  energy  for  this  geometry.  ^f^stni 

state  with  an  imaginary  frequency  of  174i  cm  .  Th  ^ 

distance  is  1 .675  A,  and  the  F-P-F  bond  angle  is  82.1  .  TheC* 
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Figure  5.  ORTEP  drawing  of  the  unit  cell  of  N(CH3)4PF4  showing  the 
packing  of  the  PFr  anions  and  N  (CH3)4+  cations  with  thermal  ellipsoids 
drawn  at  the  50%  probability. 

structure  is  48.7  kJ  moM  above  the  structure  at  the  SCF  level 
and  43.7  kJ  mol-1  higher  at  the  MP2  level.  These  values  are  in 
excellent  agreement  with  the  experimental  value  of  43.5  kJ  mol*1 
for  Aff*. 

The  large  differences  between  the  equatorial  and  the  axial 
stretching  force  cons  tan  ts,/r  and  /R,  respectively,  in  PF4"  and  SF4 
are  in  agreement  with  the  observed  large  differences  in  bond 
lengths  and  can  be  rationalized  in  terms  of  semi-ionic,  three- 
center  four-electron  bonding  for  the  axial  fluorine  ligands.  The 
high  polarity  of  the  bonds  in  PF4~  also  explains  why  the  equatorial 
stretching  force  constant  in  PF4-  (3.94  mdyn/A)  is  significantly 
smaller  than  that  found  for  PF3  (5.47  mdyn/A). ss-5*  The  same 
effect  of  bond  weakening  by  the  formal  negative  charge  is  found 
for  the  PFj-PF6~  couple  (see  Table  1 1).  The  higher  force  constants 
in  the  (+V)  phosphorus  compounds,  when  compared  to  those  in 
the  corresponding  (+III)  compounds,  is  due  to  the  increased 
effective  electronegativity  of  the  central  atom  and  the  resulting 
decrease  in  polarity  of  the  P-F  bonds.  The  stretch-stretch 
interaction  constants, /„  and /RR,  in  PF4"  and  SF4  also  have  very 
similar  values  (see  Table  11)  and  provide  further  evidence  for  the 
pronounced  similarity  of  these  two  isoelectronic  species. 

X-rmyCrystalStructureofN(CH3)4PF4.  The  crystal  structure 
consists  of  well-separated  N(CH3)4+  and  PF4-  ions  and  can  be 
derived  from  a  primitive  cubic  CsCl-type  structure  in  which  the 
cube  formed  by  the  cations  is  regular,  while  the  cube  formed  by 
the  anions  is  somewhat  distorted  (see  Figure  5).  The  volume  of 
the  unit  cell  is  27  A3  smaller  than  that  determined  for  N(CH3)4- 
PF6  at  the  same  temperature.63  It  is  generally  accepted  that  the 
effective  volume  of  a  lone  pair  is  only  slightly  smaller  than  that 
of  a  fluorine  atom  (i.e.,  20  A3).64  Consequently,  the  expected 
volume  difference  between  N  (CH3)4PF6  and  N(CH3)4PF*  should 
be  slightly  larger  than  20  A3,  as  was  observed. 

The  N(CH3)4+  cation  is  tetrahedral  with  the  expected  C-N 
bond  lengths  (1.505(6)  A)  and  C-N-C  angles  (109.5(2)°).  The 
gross  geometry  of  the  PF4~  anion  can  be  described  as  a  pseudo 
trigonal  bipyramid  in  which  (i)  the  lone  valence  electron  pair  of 
phosphorus  and  two  fluorines  occupy  the  equatorial  positions 
and  (ii)  the  axial  P-F  bonds  are  longer  than  the  equatorial  P-F 
bonds  (Figure  5). 

The  disorder  of  the  PF4~  anion  in  its  equatorial  plane  involves 
two  fluorine  ligands  and  one  sterically  active  free  valence  electron 
pair,  which  can  be  considered  much  shorter  and  more  repulsive 
than  a  P-F  bond.  Therefore,  the  apparent  equatorial  bond  lengths. 


resulting  from  the  averaging  of  P-F  bonds  with  the  free  pair,  are 
too  short  for  normal  P-F  bonds,  and  the  apparent  bond  angles 
also  deviate  significantly  from  the  theoretical  predictions  for 
ordered  PF4*  (see  Theoretical  Calculations  section).  As  can  be 
seen  from  Table  3,  the  observed  apparent  geometry  of  ordered 
PF<-  is  intermediate  between  those  derived  from  subjecting  the 
free  ordered  ion  to  either  2-fold  or  3-fold  disorder  with  equal 
occupancy  factors.  Therefore,  the  crystal  structure  of  N(CH3)4- 
PF4  is  best  interpreted  in  terms  of  a  mixture  of  2-fold  and  3-fold 
disorder,  which  amounts  to  a  3-fold  disorder  with  unequal 
occupancy  factors.  A  minimum  /{-value  was  obtained  for  the  set 
of  occupancy  factors  listed  in  Table  2.  The  superposition  of  the 
different  equatorial  positions  results  in  close,  but  distinct,  positions 
for  the  F(3)  atom,  as  reflected  in  the  large  value  for  the  thermal 
parameters,  C/33  =  0.159  A2  (supplementary  Table  2)  and  the 
correspondingly  large  correction  for  libration  for  the  P-F(3)  bond 
length  (Table  3).  The  positional  disorder  of  the  F(3)  atoms  is 


100' 

F(3) 


F(2) 


F(3)-^  ^~F(3A) 
FC3)'  F(3A)' 


also  respondible  for  the  apparent  equatorial  F-P-F  bond  angle 
to  be  larger  than  100°. 

In  view  of  the  disorder  of  PF4-  in  N(CH3)4PF4,  only  the  axial 
P-F  bond  length  is  well  determined  by  the  X-ray  data.  The 
remaining  geometrical  parameters  of  PF4_  are  strongly  influenced 
by  the  disorder,  but  are  consistent  with  the  theoretically  calculated 
structure  assuming  3-fold  disorder  with  unequal  occupancy 
factors.  In  view  of  this  consistency  and  the  agreement  between 
the  calculated  and  observed  axial  bond  length  and  vibrational 
frequencies  (see  above),  the  structure  of  PF4~  is  best  described 
by  the  following  geometry. 


F« 


It  is  interesting  to  compare  this  geometry  with  those  established 
for  other  similar  molecules  and  ions.  As  can  be  seen  from  Table 
1 2,  the  geometry  of  PF4"  is  very  similar  to  that65  of  isoelectronic 
SF4,  with  the  bonds  in  PF4*  being  slightly  longer,  as  has  been 
discussed  before.  The  increased  length  of  the  axial  bonds  over 
that  of  the  equatorial  bonds  is  consistent  with  the  hypervalent 
nature  of  these  pseudo  trigonal  bipyramidal  compounds  and  with 
strong  contributions  from  semi-ionic,  three-center  four-electron 
bonding66  to  the  axial  bonds.  Furthermore,  the  fact  that  the 
axial  fluorine  ligands  are  bent  away  from  the  sterically  active 


(63)  Wang,  Y.;  Calvert,  L.  D.;  Brownstein,  S.  K.  Acta  Crystallogr.  1980, 
B36.  1523. 

(64)  (a)  Zachariasen,  W.  H.  J.  Am.  Chem.  Soc.  1948,  70,  2147.  (b) 
Edwards,  A.  J.;  Sillos,  R,  J.  C.  J.  Chem.  Soc.  A  1971,  942 


(65)  Tolies,  W.  M.;  Gwinn,  W.  D.  J.  Chem.  Phys.  196 2  36.  1119. 

(66)  Pimentel,  G.  C.  J.  Chem.  Phys.  1951, 19, 446.  Hach,  R.  1a  Rundle, 
R.  E.  J.  Am.  Chem.  Soc.  1951, 73, 4321.  Rundle,  R.  E.  J.  Am.  Chem.  Soc. 
1963,  «J,  112. 
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Table  12.  A  Comparison  of  the  Geometry  of  PF<  with  Those  of  Closely  Related  Molecules  and  Ions 


a  b 

c 

r  f  -1 

F 

1 

/^f 

/ _ _ 

1 — s— F 

f-A 

F  * 

L  F  - 

F 

F 

X-F„ 

1.74 

1.646(3) 

X-F.q 

1.60 

L545(3) 

L570(l) 

1.515(2) 

F„-X-F« 

168.3 

173.1(5) 

F«q-X-F,q 

993 

101.6(5) 

97.8(2) 

96.2(1) 

«  Values  from  our  SCF  calculation.  6  Data  from  ref  65. c  Data  from  ref  53.  d  Data  from  ref  63. 


free  valence  electron  pair  in  the  equatorial  plane  is  in  accord  with 
the  increased  repulsion  from  a  free  valence  electron  pair  and  the 
VSEPR  rules.37-38  The  equatorial  bonds  in  PF4~  are  also  somewhat 
longer  than  those53  in  PF3,  which  again  can  be  attributed  to  the 
formal  negative  charge  on  PF4_.  Finally,  the  isoelectronic  pairs, 
PF4--SF4  and  PF3-SF3V7  exhibit  about  the  same  amount  of 
bond  shortening  (~0.06  A)  on  going  from  the  phosphorus  to  the 
sulfur  species. 

The  cation-anion  interactions  in  N(CH3)4PF4  were  also 
examined  and  show  four  short  P-  -  -C  contacts  (supplementary 
Figure  SI)  of  3.95  A  (sum  of  the  CH3  and  P  van  der  Waals 
contacts,  3.85  A68-69)  and  sixteen  short  F-  -  -C  contacts  (four  per 
fluorine  atom)  ranging  from  3.29  to  3.53  A  (sum  of  the  CH3  and 
F  van  der  Waals  contacts,  3.35-3.40  A68-69).  The  nearest  neighbor 
P-  -  -F  contacts  of  4.42  A  (sum  of  the  P  and  F  van  der  Waals 
contacts,  3.20-3.25  A69)  preclude  Hal-  -  -P-  -  -Hal  bridge  in¬ 
teractions,  which  have  been  observed  for  N(n-C3H7)4+PBr4 
but  not  for  N^Hs^+PCL--7 

The  successful  synthesis  and  characterization  of  the  PFramon 
completes  the  PF4',PClr,PBr4~  triad.  The  structures  of  the  PCLf 
and  PBrr  anions  are  unusual  because  their  axial  Hal-P-Hal 
groups  are  easily  distorted.  For  example,  in  N(nPr)4PBr4,  the 
PBr4~  anion  has  an  almost  ideal  pseudo  trigonal  bipyramidal 
structure,5  while  in  N  (C2Hs)4PBr4,  its  structure  is  better  described 
as  one  of  a  PBr3  molecule  with  a  loosely  attached  fourth  Br  ion.6 

Obviously,  the  energy  difference  between  the  symmetric  and 
the  asymmetric  PBr4-  structures  must  be  very  small,  and  their 
geometries  are  influenced  by  effects  such  as  the  size  of  the  counter 
cation  and  crystal  packing.  In  N(C2Hs)4PCl4,  the  asymmetry  of 
the  axial  PC12  group  is  even  more  pronounced  (2.118(4)  and 
2.850(4)  A7)  and,  by  extrapolation,  one  might  predict  that,  on 
going  from  PBrr  and  PCLr  to  PF4-  and  from  N(C2H5)4+  to  the 
even  smaller  N(CH3)4+  counter  cation,  the  asymmetry  of  the 
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axial  phosphorus— halogen  bonds  should  further  increase.  This, 
however,  is  not  the  case;  the  axial  P-F  bonds  in  N(CH3)4PF4  are 
perfectly  symmetric,  and  the  PF4~  anion  closely  resembles  the 
isoelectronic  SF4  molecule,  with  both  undergoing  facile  equatorial- 
axial  ligand  exchanges  with  comparable  activation  enthalpies.  It 
appears  that  the  chemical  and  physical  properties  of  PF4~  and 
PCLr  closely  follow  those  of  isoelectronic  SF4  and  SCI*  Sulfur 
tetrafluoride  b  a  covalent,  stable  molecule,  while  SCI*  decomposes 
at  -31  °C  and,  as  a  solid,  probably  has  the  ionic  structure 
SCl3+Cl-.70-72  The  fact  that  in  the  chlorides  the  energy  difference 
between  the  covalent,  pseudo  trigonal  bipyramidal  structure 
and  the  more  ionic  X-  -  -MX3  C&  structure  b  quite  small  while 
in  the  fluorides  it  b  large  has  recently  been  abo  demonstrated 
by  Gutsev  through  local  density  functional  method  calculations 
for  PFr  and  SCI*57-73 
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Chapter  5 


Heptacoordinated  Main-Group  Fluorides 
and  Oxofluorides 

K  O.  Christe1,  E.  C.  Curtis1,  D.  A-  Dixon2,  H.  P.  A.  Mercier3, 

J.  C.  P.  Sanders3,  G.  J.  Schrobilgen3,  and  W.  W.  Wilson1 

^ocketdyne,  Division  of  Rockwell  International  Corporation, 

Canoga  Park,  CA  91309 

2Central  Research  and  Development,  DuPont,  Experimental  Station, 
Wilmington,  DE  19880-0328 

department  of  Chemistry,  McMaster  University,  Hamilton, 

Ontario  L8S  4M1,  Canada 

The  major  problems  associated  with  heptacoordination  in  main-group 
fluorides  and  oxofluorides  have  been  resolved.  A  detailed  discussion  of 
the  structures  of  CIF^-,  BrFg-,  IFg”,  XeFs",  IF7,  TeFy~,  IOF^"  and 

TeOFg2-  is  given.  It  is  shown  (i)  that  the  steric  activity  of  a  free  valence 
electron  pair  (E)  in  XF(>E  species  depends  on  the  size  of  X;  (ii)  that  in 

the  XeFs-  anion,  which  is  the  first  known  example  of  a  pentagonal 
planar  XF5E2  species,  the  two  free  valence  electron  pairs  are  sterically 
active  and  occupy  the  two  axial  positions;  (iii)  that  the  XF7  and  XOF6 
species  possess  pentagonal  bipyramidal  structures  with  five  equatorial 
fluorine  ligands  which,  in  free  molecules,  are  highly  fluxional  and 
dynamically  distorted;  (iv)  that  the  dynamic  distortion  in  XF7  is  the 
result  of  a  rapid  puckering  motion  of  the  five  equatorial  fluorines  and  of 
a  much  slower  intramolecular,  axial-equatorial  ligand  exchange;  (v)  that, 
in  the  XOF6  species,  this  axial-equatorial  ligand  exchange  is  precluded 
by  the  more  repulsive  oxygen  ligand  which  resides  exclusively  in  one  of 

the  less  congested  axial  positions;  (vi)  that,  in  solid  N(CH3>4+IOF6-,  the 
dynamic  puckering  of  the  equatorial  ligands  is  frozen  out  by  hydrogen- 
fluorine  bridges;  (vii)  that  the  pentagonal  bipyramidal  structures  of  these 
fluorides  and  oxofluorides  cannot  be  explained  by  the  VSEPR  rules  of 
repelling  points  on  a  sphere  but  are  governed  by  the  spatial  distribution 
of  the  valence  orbitals  of  the  central  atom;  and  (viii)  that  the  bonding  in 
these  heptacoordinated  species  is  best  explained  by  a  model  involving 
delocalized  pXiy  hybrid  orbitals  of  the  central  atom  for  the  formation  of  a 
coplanar,  semi-ionic,  6-center  10-electron  bond  system  for  the  five 
equatorial  bonds  and  of  an  spz  hybrid  orbital  for  the  formation  of  two, 
more  covalent,  colinear,  axial  bonds;  this  bonding  scheme  can  account 
for  all  the  observed  structural  features  and  also  the  observed  differences 
in  bond  lengths. 

Inorganic  main-group  fluorides  or  oxofluorides  offer  a  unique  opportunity  to  study 
unusually  high  coordination  numbers  and  problems  associated  with  them,  such  as  the 
steric  activity  of  free  valence  electron  pairs,  steric  crowding  of  the  ligands,  and 
fluxionality.  Of  particular  interest  are  heptacoordinated  species  which  could  exist  either 
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as  a  monocapped  octahedron,  a  monocapped  trigonal  prism,  or  a  pentagonal  bipyramid. 
According  to  the  VSEPR  model  of  "repelling  points  on  a  sphere",  the  preferred 
structures  should  be  the  monocapped  octahedron  or  trigonal  prism  (1,2).  However,  for 
main-group  elements,  the  pentagonal  bipyramid  is  favored  (3),  as  found  for  DF7  (4)  and 

TeF7_  (5-7).  These  pentagonal  bipyramidal  structures  possess  five-fold  symmetry. 
Their  highly  congested  equatorial  planes  result  in  increased  equatorial  bond  lengths  and 
usually  some  kind  of  puckering.  The  puckering  of  the  five  equatorial  ligands  represents 
a  special  problem.  The  odd  number  of  ligands  does  not  allow  for  a  highly  symmetric 
arrangement  in  which  all  five  equatorial  ligands  can  be  placed  into  equivalent  positions, 
i.e.,  with  identical  displacements  alternately  above  and  below  the  equatorial  plane.  This 
poses  several  interesting  questions,  such  as:  (i)  are  the  five  equatorial  ligands 
equivalent  and,  if  so,  how  is  this  equivalency  achieved;  (ii)  are  these  molecules  rigid  or 
fluxional  and,  if  they  are  fluxional,  on  what  time  scale;  and  (iii)  what  causes  these 
heptacoordinated  molecules  to  adopt,  contrary  to  the  VSEPR  rules  (1,2),  pentagonal 
bipyramidal  structures  with  either  planar  or  only  slightly  puckered  equatorial  fluorines? 
In  this  paper  we  will  give  a  brief  review  of  the  work  recently  done  in  our  laboratories  in 
this  field  which,  to  a  large  extent,  was  made  possible  by  the  development  of  a 

convenient  preparative  scale  synthesis  of  truly  anhydrous  N(CH3)4+F“  (8)  and  the 
realization  that  this  salt  is  an  excellent  reagent  for  the  preparation  of  novel,  high- 
oxidation  state  complex  fluoro-  or  oxofluoro-anions  (9,10).  Furthermore,  the  high 

solubilities  of  these  N(CH3)4+  salts  in  solvents  such  as  CH3CN  or  CHF3  permit  the 
gathering  of  valuable  structural  information  through  NMR  and  vibrational  studies  and 
the  growth  of  single  crystals  suitable  for  X-ray  structure  determinations. 

XF<;E  Species 

Typical  representatives  of  this  structural  type  are  the  hexafluorohalate  (V)  anions, 
C1F6-,  BrFfj-  and  IFg-.  Vibrational  spectroscopy  on  the  BrFg-  (11,12)  and  IFg- 

(12,13)  anions  strongly  indicated  that  BrF(,~  is  octahedral  while  IFg-  is  strongly 
distorted.  This  was  subsequently  confirmed  by  X-ray  crystal  structure  determinations 

(14,15).  For  ClFgf,  only  vibrational  data  are  known  (10)  which  show  that  this  anion  is 

also  octahedral.  These  results  demonstrate  that  in  the  HalF6_  anions  the  steric  activity 
of  the  free  valence  electron  pair  on  the  central  atoms  is  governed  by  the  size  of  the 
central  atom.  For  the  relatively  large  iodine  atom,  the  maximum  coordination  number 
(CN)  towards  fluorine  exceeds  six,  thus  providing  sufficient  space  for  a  sterically  active 
free  electron  pair,  whereas  for  the  smaller  bromine  and  chlorine  atoms,  the  maximum 
CN  is  only  six  and,  hence,  the  free  valence  electron  pair  occupies  a  centrosymmetric  s 
orbital  and  is  sterically  inactive  (12). 

XF5E2  Species 

Only  one  representative  of  this  type  is  known,  namely  the  XeFs-  anion.  The  structure 
of  this  anion  was  established  by  19F  and  129Xe  NMR  and  infrared  and  Raman 
spectroscopy  and  an  X-ray  crystal  structure  determination  (16).  The  structure  of  this 
unique  anion  is  shown  in  Figures  1  and  2  and  demonstrates  that  the  two  free  valence 
electron  pairs  are  sterically  active  and,  as  expected  from  their  increased  repulsive 
character,  occupy  the  two  less  congested  axial  positions  of  a  pentagonal  bipyramid. 

The  chemical  equivalence  of  the  five  equatorial  fluorine  ligands  in  XeFs~  was  confirmed 
by  its  129Xe  NMR  spectrum  which  displays  a  well-resolved  binominal  sextet  (see 

Figure  3).  Due  to  its  relatively  long  Xe-F  bonds,  the  XeFs-  anion  experiences  only 
mild  congestion  in  the  equatorial  plane  (as  shown  below,  the  in-plane  deformation  force 
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Figure  1.  Atom  numbering  scheme,  bond  lengths  (A)  and  angles  (deg)  forXeFs- 

at  -86  °C  in  [N(CH3)4]+[XeF5]~.  Projection  of  the  XeFs~  anion  on  (1 1 1).  Esd's 
are  given  in  parentheses;  thermal  ellipsoids  are  shown  at  the  50%  probability  level. 


Figure  2.  Projections  of  the  XeFs  anion  on  (130)  (left)  and  (010)  (right). 
Thermal  ellipsoids  are  shown  at  the  50%  probability  level. 
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8,29Xe (ppm  from  XeOFJ 

Figure  3.  129Xe  NMR  spectrum  (139.05  MHz)  at  24  °C  of  a  saturated  solution  of 
N(CH3)4+XeF5_  in  CH3CN  containing  a  1  M  excess  of  N-(CH3)4+F~. 
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constant,  fa,  is  only  0.364  mdyn/A)  and  therefore  is,  within  experimental  error, 
unpuckered. 

XF7  Species,  IF7 

The  two  representatives,  known  for  this  type,  are  the  IF7  molecule  and  the  TeF7-  anion. 
Although  IF7  had  been  known  for  61  years  (17)  and  numerous  papers  dealing  with  its 
properties  had  been  published,  this  molecule  was  only  poorly  understood  and  presented 
many  mysteries.  Since  IF7  is  the  prototype  of  a  pentagonal  bipyramidal, 
heptacoordinated  species,  it  was  imperative  to  better  understand  this  molecule.  The 
following  paragraph  summarizes  the  salient  features  and  conclusions  from  the  previous 
studies:  (i)  Crystal  structure  determinations  of  solid  EF7  were  inconclusive  due  to 
disorder  problems  (18-23).  (ii)  In  the  liquid  and  gas  phases,  all  seven  fluorine  ligands 
were  shown  to  be  magnetically  equivalent  on  the  time  scale  of  NMR  spectroscopy  due 
to  an  intramolecular  exchange  of  equatorial  and  axial  fluorines  (24-28).  (Hi)  Gaseous 
IF7  at  room  temperature  does  not  possess  a  permanent  dipole  moment,  as  shown  by  the 
absence  of  microwave  transitions  (29)  and  of  deflections  in  inhomogenous  electric 
fields  (30).  (iv)  Gas  phase  electron  diffraction  data  (4.31J2)  show  that  IF7  closely 
approaches  Dsh  symmetry  with  a  misfit  in  the  2.1-2.7A  region  which  is  not  much  larger 
than  common  amplitudes  of  vibration.  The  breadth  and  skewing  of  the  2.5A 
nonbonded  Fax. .  .Fgq  radial  distribution  peak  were  explained  by  an  asymmetric  molecule 
involving  fluxionality  and  a  dynamic  pseudorotational  ring-puckering  which  resulted  in 
average  displacements  of  7.5°  for  the  equatorial  fluorines  and  of  4.5°  for  the  axial 
fluorines  (4).  (v)  At  least  nine  studies  of  the  vibrational  spectra  of  IF7  have  previously 
been  reported  (33 -42),  and  although  all  nine  studies  analyzed  the  observed  spectra  in 
point  group  Dsh,  all  sets  of  assignments  were  different  and  none  was  able  either  to 
duplicate  the  experimental  mean  square  amplitudes  of  vibration  (4)  or  to  assign  the 
observed  infrared  combination  bands  without  violations  of  the  Dsh  selection  rules,  (vi) 
Results  from  a  pseudopotential  SCF-MO  study  (43)  yielded  a  minimum  energy 
structure  with  Dsh  symmetry  and  an  alternative  assignment  for  the  vibrational  spectra, 
however,  the  agreement  between  calculated  and  observed  frequencies  was  poor,  and  a 
complete  vibrational  spectrum  was  not  calculated  at  that  time  due  to  the  lack  of  analytic 
second  derivative  methods  for  pseudopotentials. 

Ab  Initio  Calculations  for  IF7.  Because  our  results  on  the  vibrational  spectra  and 
structures  of  the  pentagonal  planar  XeF5“  (16)  and  pentagonal  bipyramidal  IOF6- 
anions  substantially  differed  from  those  (4J33-43)  previously  reported  for  pentagonal 
bipyramidal  IF7,  ab  initio  calculations  were  carried  out  for  IF7  at  the  following  levels  of 
theory:  (i)  local  density  functional  (LDF)  theory  with  numerical  functions;  (ii)  all 
electron  MO  calculations;  and  (iii)  MO  calculations  with  an  effective  core  potential 
(ECP)  on  iodine.  All  three  calculations  resulted  in  a  pentagonal  bipyramid  of  D51, 
symmetry  as  the  lowest  energy  structure.  The  calculated  geometries  and  vibrational 
frequencies  are  summarized  in  Table  I  and  compared  with  the  revised  (see  below) 
experimental  values.  Reducing  the  symmetry  to  C2  or  Cj  resulted  at  the  LDF  level  in 
structures  with  only  one  component  of  the  E2"  mode  being  imaginary  and  having 
smaller  values,  but  led  to  structures  that  were  higher  in  energy  by  <0.05  kc«Vmoi  The 
remaining  frequencies,  excluding  the  E2"  mode,  were  within  10  enr1  of  those  for  the 
LDF  Dsh  structure.  As  can  be  seen  from  Table  I,  the  resulting  changes  in  the 
frequencies  and  geometries  for  the  C2  and  Ci  structures  from  the  Dsh  structure  are 
rather  small  and  demonstrate  the  great  similarities  between  the  ideal  Dsh  structure  and 
the  other  structures  which  are  somewhat  deformed  by  equatorial  puckering  and  slight 
axial  bending.  This  is  in  accord  with  the  previous  conclusion  that  the  potential  energy 
well  for  IF7  at  Dsh  is  very  flat  and  shallow  and  has  a  nearly  quartic  contour  for  buckling 
along  either  a  C2  or  a  Q  symmetry  coordinate  (3).  Table  I  shows  that  the  effective  core 
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potential  data  set,  after  scaling  by  a  factor  of  0.932  to  account  for  electron  correlation 
and  anharmonicity  effects,  duplicates  best  the  experimental  frequencies  (37,40)  with  an 
average  frequency  deviation  of  only  7  cm'1.  This  small  deviation  is  excellent 
considering  that  the  original  calculated  values  are  harmonic,  gas-phase  frequencies, 
while  the  observed  values  are  anharmonic  frequencies  measured  in  some  cases  even  in 
liquid  or  solid  phases. 

Raman  Spectrum  of  Solid  IF7.  A  comparison  between  the  calculated  (see 
Table  I)  and  previously  reported  (33-42)  vibrational  frequencies,  irrespective  of  their 
detailed  assignments,  revealed  the  following  general  problems:  (i)  a  Raman  active  mode 
having  a  predicted  frequency  of  about  605  cm*1  was  missing;  (ii)  there  was  one  excess 
fundamental  vibration  in  the  300-400  cnr1  region;  and  (iii)  the  puckering  mode  of  the 
equatorial  plane  which  should  be  inactive  in  both  the  Raman  and  infrared  spectra, 

should  have  a  very  low  frequency  of  about  60  cm'1  and  be  observable  only  indirectly  in 
the  form  of  combination  bands. 

For  these  reasons,  the  Raman  spectrum  of  solid  IF7  was  reinvestigated  at  different 
temperatures.  As  can  be  seen  from  Figure  4,  at  -142°C  a  distinct  Raman  band  is 
observed  at  596  cm'1  exhibiting  about  the  right  intensity  for  the  missing  equatorial  IF5 
antisymmetric  stretching  or  in-plane  scissoring  modes.  At  higher  temperature,  this  band 
becomes  hidden  in  the  foot  of  the  intense  635  cm'1  band  due  to  the  increased  line 
widths.  In  the  300-360  cm*1  region,  two  fundamental  vibrations  had  previously  been 
identified  (37)  at  310  and  352  cm'1-  Figure  4  shows  that  on  cooling  from  -13°  to 
-142°C,  the  frequency  separation  of  these  two  bands  decreases  from  42  to  29  cm'1 
while  at  the  same  time  the  relative  intensity  of  the  higher  frequency  band  decreases 
markedly.  This  behaviour  is  characteristic  for  a  Fermi  resonance  between  a 
fundamental  vibration  and  a  combination  band  where  the  population  of  the  combination 
band  decreases  with  decreasing  temperature.  Therefore,  the  352  cnr1  Raman  band  does 
not  represent  a  fundamental  vibration.  It  is  due  (see  below)  to  a  combination  band 
which  involves  the  inactive  equatorial  ring  puckering  mode  and  confirms  the  predicted 
low  frequency  value  of  the  latter. 

Vibrational  Assignments.  In  view  of  the  above  findings,  the  vibrational 
assignments  for  IF7  (see  Table  I)  can  now  be  easily  made  by  comparison  with  the 
calculated  ECP  frequencies.  All  bands  strictly  follow  the  selection  rules  for  Dsh 
symmetry,  2A,'(R)  +  2A2"(IR)  +  3Ei;(IR)  +  1Ei"(R)  +  2E2'(R)  +  lE2"(ia),  and 
exhibit  the  expected  relative  intensities,  infrared  gas-phase  band  contours  and  Raman 
polarization.  The  agreement  between  calculated  and  observed  frequencies  (average 
Av  =  7  cm-1)  is  excellent  and  supports  the  present  assignments. 

The  difficulty  of  assigning  the  vibrational  spectra  of  IF7  without  the  help  of 
reliable  ab  initio  calculations  is  best  reflected  by  the  failures  of  the  previous  vibrational 
analyses  (33-42)  in  which  no  more  than  four  out  of  the  eleven  fundamental  vibrations 
had  been  correctly  assigned,  a  disappointing  result  if  one  considers  the  large  number  of 
studies  and  the  expertise  of  the  previous  investigators.  The  only  significant 
improvement  over  these  poor  results  had  previously  been  achieved  by  Bartell  and 
coworkers  who,  with  the  aid  of  pseudopotential  SCF-MO  calculations,  correctly  located 
seven  of  the  eleven  fundamental  vibrations  and  predicted  the  right  frequency  range  for 
two  additional  ones  (43).  Most  of  these  difficulties  can  be  attributed  to  the  fact  that  the 
previous  investigators  did  not  realize  that  the  equatorial  in-plane  bending  modes  of  IF7 
have  such  unusually  high  frequencies. 

In  several  of  the  previous  studies,  the  inability  to  assign  the  observed  infrared 
combination  bands  of  IF7  without  violations  of  the  Dsj,  selection  rules  had  been 
explained  by  a  strong  coupling  between  the  E2"  and  Ej'  modes  which  should  make  the 
b2  overtones  and  the  pseudoradial,  pseudoangular  combination  bands  slightly  infrared 
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348  =  v7  (E,')  +  (E2“)  =  (E,"  +  E2”) 

319  =  va(E,") 


Figure  4.  Raman  spectra  of  solid  IF7  recorded  at  -142  and  -13  °C. 
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active,  with  intensity  borrowed  from  the  induced  Ej*  displacements  (4,40,44).  The 
revised  assignments  for  IF7  given  in  Table  I  permit  the  assignment  of  all  the  observed 
infrared  overtones  and  combination  bands  without  any  violations  of  the  Dsh  selection 
rules,  thus  eliminating  one  of  the  arguments  previously  advanced  (40,43)  against  IF7 
having  an  average  symmetry  of  D51,. 

The  aforementioned,  Raman  active  combination  band  at  352  cm*1  which  is  in 
Fermi  resonance  with  Vg  (Ei")  requires  some  special  comment.  First  of  all,  Fermi 

resonance  requires  this  band  to  have  the  same  Ei"  symmetry  as  Vs;  secondly,  the  band 
cannot  be  assigned  using  any  of  the  remaining  fundamental  vibrations  of  IF7;  and 
thirdly,  there  are  only  two  fundamental  vibrations,  V7  (Ej')  and  vh  (E2"),  that  have 
frequencies  lower  than  that  of  vg.  Therefore,  the  352  cm'1  band  can  only  be  due  to  a 

combination  of  V7  (Ej*)  with  the  inactive  equatorial  ring  puckering  mode,  Vn  (E2 ”), 
which  results  in  the  required  Ei"  symmetry  for  the  ensuing  combination  band.  After  a 
correction  for  the  Fermi  resonance  induced  frequency  shift  (45),  a  frequency  of  about 

68  cm'1  is  obtained  for  the  ring  puckering  mode,  vn,  which  is  in  good  agreement  with 
the  value  of  59  cm'1  predicted  by  our  ECP  calculations.  Furthermore,  this  [v7  (Ei')  + 

V11  (E2")]  combination  band  represents  the  mode  proposed  (4,43)  by  Bartell  for  the 
pseudorotation  in  IF7. 


Force  Constants  and  Mean  Square  Amplitudes  of  Vibration.  Anotner 
problem  in  the  previous  IF7  studies  (33-43)  was  the  discrepancy  between  the  mean 
square  amplitudes  of  vibration  from  the  electron  diffraction  study  (4)  and  those  derived 
from  normal  coordinate  analyses  of  the  vibrational  spectra.  Since  all  the  previous 
normal  coordinate  analyses  for  IF7  had  been  carried  out  with  partially  incorrect 
assignments,  such  an  analysis  was  repeated  using  our  ab  initio  (ECP)  force  field 
Inspection  of  the  internal  force  constants  of  IF7  (see  Table  II)  reveals  several  interesting 
features:  (i)  the  stretching  force  constant  of  the  axial  bonds,  /D,  is  considerably  larger 
than  that  of  the  equatorial  bonds,  as  expected  from  the  observed  bond  lengths  (4)  and 
general  valence  shell  electron  pair  repulsion  (VSEPR)  arguments  (1,2)  which  attribute 
the  longer  equatorial  bonds  to  the  congestion  and  increased  mutual  repulsion  of  the 
ligands  in  the  equatorial  plane.  The  absolute  value  of /D,  5.01  mdyn/A,  is  lower  than 

tiiat  of  5.42  mdyn/A  previously  found  for  the  IF6+  cation  (46),  as  expected  for  going 
from  a  fluorocation  to  its  parent  molecule,  and  (ii)  the  values  of  the  equatorial  angle 
deformation  constants,  fa  and  /p,  exhibit  a  huge  difference.  As  expected,  the  in-plane 
deformation,  fa,  is  very  large  (0.84  mdyn/A)  due  to  the  severe  crowding  in  the 
equatorial  plane,  while  the  out-of-plane  deformation,  /p,  is  very  small  (0.16  mdyn/A) 
because  of  the  ease  of  equatorial  ring  puckering.  These  force  constants  lend  strong 
support  to  our  model  of  the  bonding  and  fluxionality  in  IF7  (see  below). 

The  previous  electron  diffraction  study  (4)  had  resulted  in  two  different  sets  of 
mean  square  amplitudes  of  vibration  which,  depending  on  the  choice  of  the  structural 
model,  strongly  differed  in  their  value  for  the  nonbonded  /(Fax- .  .Feq)  amplitude.  For  a 
static  Djh  model,  this  amplitude  had  a  value  of  0.1 69 A,  whereas  for  the  statically  or 
ft  1  a ^ (50%  C2  +  50%  Cs),  or  Cs  models  values  ranging  from 

0.104  to  0.107  A  were  obtained.  Since  the  analysis  of  the  vibrational  spectra  provides 
an  independent  experimental  set  of  mean  square  amplitudes  for  IF7,  this  set  can  be  used 
to  distinguish  between  the  two  structural  models  which  were  proposed  (4)  on  the  basis 
of  the  electron  diffraction  data.  As  can  be  seen  from  Table  III,  the  mean  square 
amplitudes  from  the  vibrational  spectra  are  in  good  agreement  with  the  D51,  but  not  the 
other  models.  It  must  be  kept  in  mind,  however,  that  the  unusually  large  vibrational 
amplitude  of  0.16A  for  f(Fax— Feq)  in  the  Dsh  model  corresponds  to  a  6.9° 
displacement  of  a  fluorine  ligand  from  trie  equatorial  plane  and  is  very  close  to  the 
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average  equatorial  puckering  angle  of  7.5°  deduced  from  the  electron  diffraction  data  for 
the  distorted  models  (4).  The  good  agreement  between  the  mean  square  amplitudes  of 
vibration,  derived  from  our  force  field,  and  those  deduced  for  the  Dsh  model  from  the 
electron  diffraction  data  (4),  is  very  gratifying  and  attests  to  the  correctness  of  our 
revised  assignments. 


Table  II.  Internal  Force  Constants8  (mdyn/A)b  of  IF7 


/  d  =  5.005 

/p  =  0.163 

/dd  =  0.058 

/pp-  0.078 

/Dd  =  -0.0018 

/pp'  =  -0.042 

/d  =  3.947 

/pp"  =  -0.038 

/dd  =  0.326 

/pp"'  =  -0.044 

/dd'  =  0.0265 

/pp""  =  -0.058 

fa  =  0.841 

/dp  =  0.090 

/cm  =  -0.187 

/dp’^/dp"  =  0 

faa  =  -0.243 

Zap  -  /ap'  =  -/ap"  = 

/da  =  /da'  =  -/da"  =  -0.238 

O 

III 

S' 

TO. 

II 

O 

S 

aD  =  IFax,  d  =  IFeq,  a  =  ■fcFeqlFeq,  P  =  ^FajIFgq,  dd  =  coupling  to  adjacent  d,  dd'  = 
coupling  to  opposite  d,  aa  =  adjacent  a,  aa'  =  opposite  a,  da  =  a  opposite  to  d,  da' 
=  remote  a,  da”  =  adjoining  a,  pp  =  common  D  and  adjoining  d,  PP'  =  noncommon 
D  and  common  d,  pp"  =  common  D  and  remote  d,  pp'"  =  noncommon  D  and 
adjoining  d,  PP'"‘  =  noncommon  D  and  remote  d,  dp  =  common  d,  dP'  =  adjoining  d, 
dp"  =  remote  d,  aP  =  opposite  d,  aP'  =  adjoining  d,  aP"  =  common  d.  Dp  = 
common  D,  Dp'  =  opposite  D.  bThe  internal  force  constants  have  been  normalized  for 
distance  assuming  D  =  1.78lA  and  d  =  1.857A. 

Table  III.  Comparison  of  the  Mean  Square  Amplitudes  (A)  of  Vibration 
of  IF7  Obtained  from  the  Vibrational  Spectra  with  Those  Derived  from 
the  Electron  Diffraction  Study  under  the  Assumption  of  Different 
Structural  Models 


Electron  Diffraction5 


Vibrational  Spectra  (D51O 

Dsh 

50%  Oi  -  50%  Cs 

£  (I- --Fax) 

0.039 

0.042a 

0.043±0.003 

£  (I...Feq) 

0.043 

0.044 

0.045±0.003 

£  (Feq...Feq)  short 

0.061 

0.061 

0.061+0.005 

£  (Feq-.-Feq)  long 
£  (Fax-"Fax) 

0.0601 

0.053J 

0.093b 

0.091b±0.006 

£  CPeq---Fax) _ 

0.163 

0.169 

0.106±0.008 

Obtained  from  constraint  t  (I...Fax)  =  £  (I...Feq)  -0.002A.  bOverlapping  peak  which 
could  not  be  resolved  into  its  two  components. 
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Axial-Equatorial  Ligand  Exchange.  In  addition  to  the  above  described 
very  fast,  dynamic  puckering  of  the  pentagonal  equatorial  fluorine  plane  which  requires 

very  little  energy  (vji  =59  cm-1  =  0.17  kcal  mol'1)  and  hence  is  thermally  populated  at 
higher  vibrational  levels  even  at  low  temperatures,  a  second  type  of  fluxionality  is 
possible  for  IF7.  This  second  type  of  fluxionality  involves  an  intramolecular  exchange 
of  axial  and  equatorial  fluorines.  This  was  shown  by  the  magnetic  equivalence  of  all 

seven  fluorine  ligands  of  IF7  (24-28)  or  the  isoelectronic  TeF7*  anion  (6,7)  on  the  NMR 
time  scale.  This  exchange  process,  with  an  estimated  (27)  lifetime  of  a  given 
configuration  of  -2.5  x  10'3  sec,  is  considerably  slower  than  that  for  ring  puckering  and 
involves  higher  vibrational  levels  of  v^  (Ef).  This  motion  can  best  be  described  as  an 
antisymmetric  combination  of  the  axial  and  equatorial  bending  symmetry  coordinates, 
S6  and  S7,  which  is  accompanied  by  an  out-of-plane  twisting  motion  of  the  three  remote 
equatorial  fluorine  ligands. 


This  axial-equatorial  exchange  mechanism  is  analogous  to  that  previously  proposed  by 
Berry  (47)  for  trigonal  bipyramidal  molecules,  such  as  PF5  or  SF4,  and  involves  a 

substantial  energy  barrier  of  several  vibrational  levels  of  V7. 

Structure  and  Bonding  of  IF7.  Whereas  the  results  of  the  ab  initio 
calculations,  the  microwave  study  and  the  normal  coordinate  analysis  are  best 
interpreted  in  terms  of  a  structural  model  of  average  D51,  symmetry  that  undergoes  a 
rapid  dynamic  puckering  of  the  equatorial  plane  with  very  large  vibrational  amplitudes, 
the  previous  electron  diffraction  data  (4)  favored  a  pseudorotational  C2-Q  model  with 
an  equilibrium  structure  that  is  distorted  from  D51,  symmetry.  The  question  then  arises 
whether  one  of  these  seemingly  different  models  is  incorrect  or  if  the  differences  are 
only  due  to  the  semantics  of  how  to  best  describe  a  highly  fluxional  and  dynamically 
distorted  molecule. 

First  of  all,  one  must  understand  what  type  of  information  can  be  gained  from 
the  different  methods  of  investigation.  Electron  diffraction  results  generally  describe  the 
average  structure  of  vibrating  molecules  and  not  the  minimum  energy  geometries  (48). 
If  a  highly  fluxional  molecule,  such  as  IF7,  undergoes  a  large  dynamic  distortion  at  low 
energy,  then  electron  diffraction  will  only  see  a  distorted  molecule.  A  classic  example 
for  such  a  case  is  the  linear  CO2  molecule  which,  according  to  its  electron  diffraction 
data,  would  be  bent  because  in  the  vibrating  molecule  the  average  nonbonded  O...O 
distance  becomes  shorter  than  twice  the  bonded  C-O  distance  (48).  Returning  to  the 
electron  diffraction  data  for  IF7,  the  conclusions  (4,43)  reached  by  Bartell  and 
coworkers  are  compelling  by  their  logic  and  thoroughness.  The  plane  of  the  five 
equatorial  fluorines  of  IF7  is  highly  congested.  This  congestion  can  be  relieved  by  a 
large-amplitude,  dynamic  puckering.  For  a  five-fold  symmetry,  the  five  ligands  cannot 
be  displaced  from  the  equatorial  plane  in  a  manner  which  renders  them  at  any  given  time 
equivalent  and  equidistant  from  the  ideal  equatorial  plane  as  shown  by  the  previously 
published  (4)  geometries  of  the  C2  or  Cs  models  of  IF7.  As  a  consequence  of  these 
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uneven  equatorial  ligand  displacements,  the  axial  ligands  experience  an  uneven 
repulsion  from  the  equatorial  plane  and  will  bend  away  from  those  ligands  which 
exhibit  the  largest  displacements  from  the  equatorial  plane  (/).  Since  the  experimental 
evidence  overwhelmingly  suggests  that  all  the  equatorial  ligands  arc  equivalent,  a  rapid 
dynamic  pseudorotation  of  the  puckering  motion  must  be  invoked  which  is  phase- 
coupled  to  a  precession  of  the  slightly  bent  axial  FIF  group  (i.e.,  Bartell's 
pseudorotational  model)  (4).  Due  to  the  short  time  scale  of  the  electron  diffraction 
technique,  it  detects  at  all  times  a  distorted  BF7  molecule  that  exhibits  a  strong  and 
uneven  equatorial  puckering  and  as  a  consequence  also  an  axial  bend  which  results  in  an 
equilibrium  symmetry  lower  than  D51,. 

On  the  other  hand,  ab  initio  calculations  and  vibrational  spectroscopy  generally 
describe  the  symmetry  of  the  minimum  energy  geometry  which  for  EF7  would  be  D51,  if 
the  distortions  are  only  dynamic  in  nature  and  not  static.  Although  the  knowledge  of  the 
exact  potential  energy  curve  of  EF7  would  be  desirable  to  distinguish  between  a  distorted 
and  an  undistorted  ground  state  configuration,  the  absence  of  a  permanent  dipole 
moment  (30)  and  microwave  transitions  (29)  and  the  results  from  this  study  strongly 
favor  an  undistorted  Dsh  ground  state  which  undergoes  facile  dynamic  distortion,  most 
likely  by  Bartell's  pseudorotation  mechanism  (4).  This  signifies  that  both  the  D51,  and 
the  dynamically  distorted  model  descriptions  for  EF7  are,  in  principal,  correct  because 
they  describe  different  time  domains.  The  undistorted  Dsh  model  describes  the 
nonvibrating  ground  state  whereas  the  distorted,  dynamically  puckered, 
pseudorotational  model  depicts  the  vibrating  molecule. 

Corroborating  evidence  that  heptacoordinated  molecules,  with  either  fluorine, 
oxygen  or  free  valence  electron  pairs  as  ligands,  possess  in  their  ground  states 
pentagonal  bipyramidal  structures  with  an  unpuckered  equatorial  plane,  comes  from 
ongoing  ab  initio  calculations  and  two  X-ray  crystal  structure  determinations.  It  has 

experimentally  been  shown  that  in  XeFs-,  in  which  the  longer  Xe-F  bond  distances  of 
1.979(2)-2.034(2)A  lessen  the  equatorial  ligand-ligand  repulsions  (Ja  =  0.364 
mdyn/A),  the  equatorial  fluorines  are  essentially  coplanar  (16).  It  has  also  been  shown 
(see  below)  that  in  IOFg  (fa  =  0.690  mdyn/A),  which  has  considerably  shorter 

(1.88A)  equatorial  bonds  than  XeFs-,  the  equatorial  fluorines  are  puckered,  but  that 
with  decreasing  temperature  the  degree  of  puckering  strongly  decreases  (49). 

The  fact  that  heptacoordinated  species  in  their  ground  states  exhibit  pentagonal 
bipyramidal  structures  with  an  unpuckered  equatorial  plane,  cannot  be  rationalized  by 
VSEPR  theory  (1,2)  in  terms  of  a  "repelling  points  on  a  sphere”  (POS)  model  which 
should  result  in  either  a  monocapped  octahedron  or  a  monocapped  trigonal  prism. 
Furthermore,  it  cannot  be  explained  by  conventional  bonding  schemes  involving 
localized  electron  orbitals  of  the  central  atom  to  enforce  the  coplanarity  of  a  central  atom 
and  five  equatorial  ligands.  The  best  explanation  to  account  for  this  planarity  is  the 

bonding  scheme  first  proposed  (1 6)  for  XeF5~  based  on  an  ab  initio  calculation  of  the 

molecular  orbital  population.  In  this  scheme,  the  structure  and  bonding  of  XeFs~  are 
explained  by  a  simple  model  derived  from  XeF.4.  The  bonding  in  the  square  planar 
XeF4  can  be  described  by  two  semi-ionic,  3-center  4-electron  (3c-4e)  bonds  (50-52)  for 
the  four  Xe-F  bonds  and  two  lone  valence  electron  pairs  on  Xe  (s2pz2  hybrids).  The 
3c-4e  bonds  involve  the  px2  and  py2  orbitals  of  xenon.  Addition  of  an  F~  ion  to  the 
equatorial  plane  in  XeF4  results  in  pentagonal  planar  XeFs-  and  the  formation  of  a 
semi-ionic,  6-center  10-electron  (6c-10e)  bond  involving  the  delocalized  p*2py2  hybrid 
orbitals  of  Xe  and  6  electrons  on  the  5  F  ligands  (16).  The  two  lone  valence  electron 
pairs  on  Xe  in  XeFs-  are  analogous  to  those  in  XeF4. 

The  planar  IF5  fragment  of  IF7  has  essentially  the  same  bonding  as  XeFs-,  as 
shown  by  the  atomic  population  calculations  given  in  Table  IV.  As  expected  for  the 
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Table  IV.  Atomic  Populations  (e)  in  the  Valence  Electron  Orbitals 
and  Total  Charge  Distributions  for  XeFs~,  IF7  and  IQF<s~a 

Central  Atom 


XeFs~ 

if7 

iof6- 

s 

2.22 

1.35 

1.43 

Px  =  Py 

0.61 

0.64 

0.64 

Pz 

2.02 

0.60 

0.71 

dz2 

0.03 

0.11 

0.14 

dx2  =  dy2 

0.06 

0.12 

0.09 

dxy 

0.14 

0.20 

0.16 

dxz  =  dyz 

0.04 

0.14 

0.15 

d  total 

0.37 

0.83 

0.78 

Equatorial  Fluorines 

s 

1.98 

1.93 

1.94 

p  bond 

1.70 

1.57 

1.64 

p  in  plane 

1.98 

1.96 

1.97 

Pz 

1.97 

1.94 

1.95 

d 

0 

0.03 

0.02 

Axial  Fluorines  and  Oxygens 

F  O 

s 

— 

1.92 

1.92  1.86 

Pz 

— 

1.54 

1.57  1.16 

Px=Py 

— 

1.94 

1.95  1.83 

d 

— 

0.04 

0.03  0.04 

Total  Charges 

Central  Atom 

2.15 

2.94 

2.81 

peq 

-0.63 

-0.43 

-0.53 

Fax 

— 

-0.39 

-0.44 

Qax 

— 

— 

-0.74 

aThe  Z  axis  is  the  five-fold  axis. 


replacement  of  two  free  valence  electron  pairs  on  the  central  atom  by  two  bonded 
ligands,  each  of  which  contributes  one  electron  to  its  bond,  the  population  of  the  s2  and 
pz2  orbitals  of  I  in  IF7  has  decreased  by  about  two  electrons,  compared  to  XeF4  and 
XeFf  .  The  higher  oxidation  state  of  the  centraT  atom  in  BF7  (+VII)  results  in  I  having  a 

higher  positive  charge  than  Xe  (+IV)  in  XcFs-.  This  causes  the  effective 
electronegativity  difference  between  the  central  atom  and  the  ligands  in  IF7  to  be  smaller 

than  those  in  XeF4  and  XeFj-  and  results  in  an  increased  covalency  and  a  shortening  of 
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the  central  atom-fluorine  bonds.  Furthermore,  the  axial  fluorine  ligands  in  IF7  carry 
less  of  a  negative  charge  than  the  equatorial  ones  and  their  bonds  have  higher  s- 
character  which  accounts  for  the  axial  I-F  bonds  to  be  shorter  than  the  equatorial  ones. 

Of  course,  the  above  model  does  not  account  for  the  fact  that  the  electrons  will 
try  to  minimize  their  mutual  repulsions  and  occupy  all  of  the  available  orbitals  to  do  so. 
This  results  in  the  participation  of  some  d  functions.  Although  we  are  not  proposing  a  d 
hybridization  model,  the  population  in  the  d  orbitals  does  suggest  a  redistribution  into 
these  orbitals  beyond  that  expected  if  the  d  orbitals  were  acting  solely  as  polarization 
functions. 

The  above  atomic  population  and  total  charge  distribution  analysis  qualitatively 
confirms  our  simple  bonding  model  for  pentagonal  bipyramidal  molecules.  This  model 
involves  the  use  of  delocalized  px2  and  py2  hybrid  orbitals  of  the  central  atom  for  the 
formation  of  a  semi-ionic,  6c-10e  bond  with  the  five  equatorial  ligands  and  of  an  spz 
hybrid  orbital  for  the  formation  of  two,  more  covalent,  axial  bonds.  This  bonding 
scheme  can  account  for  all  the  observed  structural  features  and  also  the  observed  bond 
length  differences.  The  planarity  of  the  px2  and  py2  hybrid  orbitals  of  the  central  atom 
also  provides  the  explanation  why  the  heptacoordinated  main-group  fluorides  prefer 
pentagonal-bipyramidal  structures  and  not  the  monocapped  octahedral  or  trigonal 
prismatic  ones  expected  from  VSEPR  arguments  (7,2). 

The  possible  puckering  of  the  equatorial  plane  in  pentagonal  bipyramidal 
molecules  is  due  to  the  high  degree  of  congestion  in  this  plane.  In  XeFs~ 
(rxeF  **  2.00  A)  (76),  the  congestion  is  relatively  low  and,  therefore,  the  anion  is  still 
planar,  whereas  the  considerably  shorter  equatorial  I-F  bonds  (r  =  1.857  A)  (4)  in  IF7 
result  in  increased  repulsion  and  significant  dynamic  puckering. 

XF7  Species,  TeF7- 

The  structure  of  the  TeF7~  anion  which  is  isoelectronic  with  IF7  was  shown  by  ,9F 
NMR  and  vibrational  spectroscopy  to  be  analogous  to  that  of  IF7  (6,7).  The  125Te 

NMR  spectrum  (see  Figure  5)  of  TeF7~  in  CH3CN  solution  demonstrated  that  on  the 
NMR  time  scale  all  seven  fluorine  ligands  are  chemically  equivalent  and,  therefore,  the 

free  TeF7~  anion  is  fluxional.  The  pentagonal  bipyramidal  structure  of  TeF7~  has  also 
been  recently  confirmed  by  the  results  from  an  X-ray  crystal  structure  determination 
(JJ)  and,  hence,  does  not  require  any  further  discussion. 

XOF$  Species 

Two  isoelectronic  anions,  IOF6~  and  TeOFg2~,  have  been  prepared  (6,7)  and  are  the 

only  known  main-group  representatives  of  this  structural  type.  Of  the  two,  the  IOFg~ 
has  been  fully  characterized  by  ab  initio  calculations,  NMR  and  vibrational  spectroscopy 

and  an  X-ray  crystal  structure  determination,  while  for  TeOFg2-  only  the  vibrational 
spectra  are  known. 

Synthesis  and  Properties  of  N(CH3)4+IOF^“.  This  salt  was  prepared 
according  to 

CH3CN 

N(CH3)4+F“  +  IOF5  - ►  N(CH3)4+IOF6- 


and  is  a  very  pale  yellow  solid  which  is  thermally  stable  up  to  about  137°C  where  it 
starts  to  decompose  to  IOF4-,  CF4  and  COF2  as  the  major  products.  Its  crystal 
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structure  consists  of  well  separated  N(CH3>4+  and  IOFg'  ions.  The  packing  of  the  ions 
(see  Figure  6)  can  be  described  as  a  cubic  close  packing  of  alternating  layers  of  IOF6~ 

anions  and  N(CH3>4+  cations  in  which  the  alternating  orientation  of  the  tetrahedral 
cations  results  in  a  cuboctahedral  (54)  unit  cell  with  Z  =  2.  While  the  cation  is  perfectly 

ordered  with  the  expected  bond  lengths,  the  I0F6-  anion  is  subject  to  a  positional  four¬ 
fold  disorder  in  the  equatorial  plane.  The  model  results  from  the  superposition  of  four 
anions  in  which  the  central  I  atom  and  the  axial  0  and  F(l)  atoms  occupy  identical 
positions.  One  of  these  anions  is  shown  in  Figure  7.  There  are  no  significant  contacts 
to  iodine  other  than  the  directly  bonded  oxygen  and  six  fluorine  ligands,  and  the  anion 
exhibits  a  gross  pentagonal  bipyramidal  geometry.  The  O-I-Fax  angle  is  constrained  by 
symmetry  to  be  180°,  while  there  are  no  constraints  on  the  positions  of  the  equatorial 
fluorines.  The  equatorial  fluorines  are  bent  away  from  the  axial  oxygen  ligand,  as 
expected  for  a  doubly  bonded  oxygen  being  more  repulsive  than  a  singly  bonded 
fluorine  ligand  (2). 

The  1-0  bond  length  (1.75-1.77 A)  indicates  significant  double  bond  character 
for  the  1-0  bond  (55-60).  Its  temperature  dependence  will  be  discussed  below.  The 

greater  1-0  bond  length  in  IOF6-,  when  compared  with  that  in  IOF5  [1.715(4)A]  (55), 
is  consistent  with  the  placement  of  some  of  the  negative  charge  on  oxygen,  thereby 
increasing  the  polarity  and  decreasing  the  bond  order  of  the  1-0  bond.  The  axial  I-F 

bond  [1.823(3)A]  is,  within  experimental  error  (±3o),  significantly  shorter  than  all  of 

the  equatorial  I-F  bonds  (average  1.88A),  and  both  types  of  I-F  bonds  in  IOFg“  are 
significantly  longer  than  the  corresponding  bonds  in  EF7  [1.786(7)A  and  1.858(4)A, 
respectively]  (4).  These  differences  can  be  attributed  again  to  the  formal  negative 

&+  8- 

charge  on  IOF6  ,  which  leads  to  greater  I  -F  bond  polarities  and  consequently  longer 

bonds.  The  greater  length  of  the  equatorial  bonds  in  IOFg-  and  EF7  relative  to  their  axial 
ones  is  due  to  the  increased  mutual  repulsion  of  the  fluorine  ligands  in  the  highly 
congested  equatorial  plane  and  their  higher  ionicity. 

Nature  of  the  Equatorial  Puckering  in  IOF6-.  As  mentioned  above,  the 

equatorial  fluorine  atoms  in  IOFg"  are  bent  away  from  the  doubly  bonded  oxygen  atom 
by  about  5°.  Furthermore,  the  plane  of  the  equatorial  fluorine  atoms  is  puckered  and  its 
I-F  bonds  are  elongated  in  order  to  lessen  the  high  degree  of  ligand-ligand  repulsion 
encountered  for  these  fluorines.  Contrary  to  the  rapid  dynamic  puckering  in  free, 
pentagonal  bipyramidal  molecules,  such  as  IF7  (see  above),  the  puckering  in  solid 

N(CH3)4+IOF6_  is  frozen  out  by  hydrogen— fluorine  bridging  between  the  two  F(2) 
atoms  of  IOF6-  and  hydrogen  atoms  from  two  different  cations.  This  bridging  results 
in  two  close  F— C  contacts  of  3.175(9)A  and  3.271(9)A,  while  the  remaining  closest 
F— C  contacts  occur  at  3.317(9),  3.473(9)  and  3.4i6(9)A  and  are  very  close  to  the 
accepted  sum  of  the  van  der  Waals  radii  of  CH3  (2.00A)  (61)  and  F(1.35-1.40A) 
(61,62)  which  is  3.35-3.40A. 

A  pentagonal  plane  can  be  puckered  in  two  ways  resulting  in  structures  of  either 
Cs  or  C2  symmetry,  respectively. 
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Figure  5.  The  125Te  NMR  spectrum  of  N(Me)4+TeF7'‘  recorded  at  157.792  MHz 
in  MeCN  solvent  at  30  °C. 


Figure  6.  Packing  diagram  of  N(CH3)4+IOF6  viewed  along  the  c-axis. 
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As  mentioned  above,  the  doubly  bonded,  axial  oxygen  ligand  in  IOF6  is  more 
repulsive  than  the  singly  bonded,  axial  fluorine  ligand.  Therefore,  the  average 
equatorial  plane,  which  can  be  defined  as  a  plane  perpendicular  to  the  O-I-Fax  axis 
containing  all  five  equatorial  fluorine  ligands  at  the  averaged  Feq-I-0  bond  angle,  drops 
below  the  center  of  the  iodine  atom.  As  can  be  seen  from  Figure  7,  the  puckered  plane 

of  IOF6~  definitely  exhibits  Cs  symmetry  with  the  following  out  of  plane  displacements. 


+5.2° 


19F  NMR  Spectrum  of  the  IOFg-  Anion.  The  19F  NMR  spectrum  of 
N(CH3)4+IOF6-  was  recorded  at  -40  °C  in  CH3CN  solution  and  is  in  agreement  with  a 

pentagonal  bipyramidal  structure  for  the  IOF6-  anion.  This  structure  is  expected  to  have 
an  average  C5V  point  group  symmetry  with  the  oxygen  in  the  axial  position. 

Accordingly,  the  19F  NMR  spectrum  (Figure  8)  displays  a  broad  doublet  (Avj/2  ~  170 
Hz)  at  166.0  ppm,  assigned  to  the  equatorial  fluorines,  and  a  broad  binomial  sextet 
(AV1/2  »  360  Hz)  at  111.1  ppm,  assigned  to  the  axial  fluorine  trans  to  oxygen.  The 
observation  of  separate  19F  resonances  for  the  axial  and  equatorial  ligand  environments 
of  IOFg-  is  unusual  for  a  pentagonal  bipyramidal  species  and  demonstrates  that  the 
IOFtf-  anion  does  not  undergo  intramolecular  ligand  exchange  (i.e.,  pseudorotation)  in 
solution,  in  contrast  with  the  related  TeFy~  anion  (6,7)  and  IF7  molecule  (see  above). 
This  is  not  surprising  because  any  plausible  intermediate  in  the  pseudorotation  process 
for  IOFg-  would  require  the  doubly  bonded  oxygen  ligand  to  move  into  an  equatorial 
position.  The  greater  space  requirement  of  the  oxygen  double  bond  domain,  compared 
with  that  of  a  fluorine  single  bond  domain,  would  render  the  placement  of  the  oxygen 
ligand  in  the  more  stoically  crowded  equatorial  position  energetically  unfavorable, 
thereby  creating  a  high  activation  barrier  for  the  process.  Although  the  X-ray  crystal 

structure  reveals  that,  in  the  solid  state,  the  equatorial  fluorine  ligands  of  the  IOFg- 
anion  are  unevenly  puckered,  only  a  single  resonance  is  observed  for  these  ligands  in 
the  19F  NMR  spectrum  of  the  solution.  Clearly,  the  puckering,  which  is  frozen  out  in 
the  solid  state,  becomes  a  dynamic  process  in  solution  which  is  fast  on  the  NMR  time 
scale. 

Vibrational  Spectra.  The  infrared  and  Raman  spectra  of  solid 
N(CH3)4+IOF6~  and  the  Raman  spectra  of  its  CH3CN  solution  were  recorded  and  are 
shown  in  Figure  9.  A  comparison  of  the  observed  and  calculated  (see  below) 
frequencies  of  IOF6-  with  those  of  the  closely  related  pentagonal  IF7  molecule  (see 
above)  and  XeFs-  anion  (16),  together  with  their  approximate  mode  descriptions,  are 
given  in  Table  V.  After  subtraction  of  the  well  known  (8,61)  bands  of  the  N(CH3)4+ 
cation,  the  remaining  bands,  which  are  due  to  IOF6-,  can  be  readily  assigned  based  on 
the  data  given  in  Table  V.  Since  the  vibrational  spectra  of  lOF^-  in  solid 
N(CH3)4+IOF6_  do  not  appear  to  be  noticeably  affected  by  the  slight  equatorial 
puckering,  they  were  assigned  (see  Table  V)  in  point  group  Csv  which  is  the  lowest 
energy  structure  of  the  free  anion  (see  below). 
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Figure  7.  The  structure  of  the  IOF6  anion  showing  the  puckering  pattern  of  the 
equatorial  fluorine  ligands. 
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Figure  8.  The  I9F  NMR  spectrum  (470.599  MHz)  of  a  saturated  solution  of 
N(CH3)4+IOFg  in  CH3CN  at  -40  °C.  (A)  Feq  environment  of  ;  (B)  Fax 
environment  of  IOFg-. 
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FREQUENCY,  cm-1 


Figure  9.  Vibrational  spectra  of  N(CH3>4+IOF6  .  Trace  A,  infrared  spectrum  of 
the  solid  as  an  AgBr  disk;  traces  B  and  C,  Raman  spectra  of  the  solid  at  25  and  - 
146  °C;  traces  D  and  E,  Raman  spectra  of  the  CH3CN  solution  with  parallel  and 
perpendicular  polarization,  respectively. 
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Ab  Initio  Calculations  and  Normal  Coordinate  Analyses.  The 

electronic  structure  of  IOF6-  was  calculated  at  the  ab  initio  level  by  using  both  local 
density  functional  (LDF)  theory  and  molecular  orbital  theory  with  an  effective  core 
potential  (ECP)  for  the  core  electrons  of  iodine.  Both  types  of  calculations  resulted  in 
minimum  energy  structures  of  Csv  symmetry  with  the  ECP  calculations  duplicating  the 
experimentally  observed  geometry  (see  Table  VI)  and  vibrational  frequencies  (see 
Table  V)  much  better  than  the  LDF  calculations.  In  view  of  the  superiority  of  the  ECP 

calculations,  we  have  also  recalculated  the  structure  of  the  closely  related  XeFs-  anion, 
for  which  previously  (16)  only  LDF  values  had  been  available.  As  can  be  seen  from 
Tables  V  and  VI,  the  ECP  calculations  are  in  excellent  agreement  with  the  observed 
values,  after  scaling  of  the  calculated  frequencies  by  empirical  factors  to  maximize  their 
fit  with  the  experimental  data,  and  therefore,  are  invaluable  for  die  correct  assignments 

of  the  vibrational  spectra.  For  XeFs-,  for  example,  they  clearly  indicate  that  the 

previous  assignments  (16)  for  V2(A2")  =  274  cm'1  and  V4(Ei')  =  290  cm-1  should  be 
reversed.  In  view  of  the  closeness  of  these  two  frequencies,  the  reversal  of  their 
assignments  has  very  little  or  no  impact  on  the  conclusions  previously  reached  (16)  for 

XeFs-. 

A  normal  coordinate  analysis  was  carried  out  for  IOF^,  and  the  most  important 
internal  force  constants  are  compiled  in  Table  VII  and  compared  to  those  of  IF7  and 

XeF5-.  As  can  be  seen,  the  X-Fax  bonds  are  considerably  stronger  than  the  X-Feq  ones 
for  a  given  compound,  as  expected  from  the  bonding  scheme  proposed  below. 
Furthermore,  the  stretching  force  constants  decrease  significandy  on  going  from  IF7  to 

IOF6-  and  XeFs-,  as  expected  from  an  increasing  ionicity  of  the  X-F  bonds  caused  by 
the  formal  negative  charge  in  the  anions  and  the  reduction  in  the  formal  oxidation  state 

of  the  central  atom  from  +VII  in  IF7  and  IOF6-  to  +IV  in  XeFs-.  The  large  increase  in 
the  value  of  /rr\  the  coupling  to  opposite  bonds,  from  I  OF*;-  to  XeFs-  is  analogous  to 
those  previously  observed  (62)  for  going  from  either  trans- IO2F4  (f rr'  = 

0.27  mdyn/A)  to  IOF4-  (/rr*  =  0.45  mdyn/A)  and  IF4-  (/rf  =  0.47  mdyn/A)  or  IOF5 
(/rr1  =  0.18  mdyn/A)  to  EF5  (frf  =  0.38  mdyn/A)  and,  hence,  appears  to  be  associated 
with  the  introduction  of  a  stoically  active,  free  valence  electron  pair  into  the  ligand 
sphere  around  the  central  atom. 

The  in-plane  deformation  constants,  fa,  are  a  measure  for  the  strength  of  the 
mutual  repulsion  of  the  equatorial  ligands  and  hence,  for  the  degree  of  congestion  in  this 
plane  which,  in  turn,  is  responsible  for  the  puckering.  As  can  be  seen  from 

Table  VII,  the  value  of  fa  decreases  markedly  on  going  from  IF7  to  IOF6-  and  XeFs". 
In  IF7,  the  in-plane  deformation  constant,  fa,  is  about  five  times  larger  than  the  out-of¬ 
plane  deformation  constant,  /p,  and  accounts  for  the  puckering  of  the  equatorial  plane  in 

IF7.  On  the  other  hand,  in  XeFs-  1116  fa  value  has  become  much  smaller  and 
approaches  the  range  of  values  expected  for  the  out-of-plane  deformation  constants,  /p. 

This  is  in  good  agreement  with  the  x-ray  crystal  structure  of  N(CH3)4+XeFs  which 

showed  (16)  that  XeFs-  is  planar  and  not  puckered.  Hence,  it  appears  that  the  value  of 
the  in-plane  deformation  force  constant,  fa,  is  a  useful  parameter  for  measuring  the 
degree  of  congestion  and  the  likely  occurrence  of  puckering  in  the  equatorial  ligand 
plane. 

Structure  and  Bonding  in  IOFg-.  The  structure  and  bonding  of  IOFg-  can 
be  rationalized  by  the  same  6-center  10-electron  bonding  scheme  outlined  above  for  IF7 

(see  Table  IV).  The  only  significant  differences  between  IOFg-  and  IF7  are  that  in 
IOF6-  the  congestion  in  the  equatorial  plane  is  lessened  due  to  more  ionic  and,  hence. 
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Table  VII.  Internal  Force  Constants8'1*  (mdyn/A)  of 
_ IF?,  IOF6~and  XeF5~ _ 


if7 

iof6- 

XeF5~ 

/r 

5.005 

3.897 

— 

fr 

3.947 

2.938 

2.062 

fir 

0.326 

0.306 

0.198 

fn 

0.0265 

0.0536 

0.317 

fa 

0.847 

0.690 

0.364 

fa  a 

-0.183 

-0.147 

-0.081 

/aa' 

-0.240 

-0.198 

-0.102 

/P 

0.163 

(a)  The  deformation  constants  have  been  normalized  for  the  following  bond  distances: 


IF?,  r  I-Fcq  =  1.857 A;  IOF6-,  r  I-Feq  =  I.877A;  XeF5~  r  Xe-F  =  2.0124A.  (b)  f„ 
and  /it'  denote  coupling  to  adjacent  and  opposite  bonds,  respectively,  and  /oca  and 
/oca'  coupling  to  adjacent  and  opposite  bond  angles,  respectively. 

longer  bonds  and  that  in  IOFg-  the  intramolecular,  equatorial-axial  ligand  exchange  is 
precluded. 

The  TeOFg2-  Anion.  The  [N(CH3)4+]2TeOF62-  salt  was  prepared  from 
N(CH3)4+TeOF5_  and  excess  N(CH3)4+F“  in  CH3CN  solution.  It  could  not  be 

isolated  in  pure  form  and  always  contained  some  unreacted  N(CH3)4+TeOF5~  starting 
material  as  a  byproduct  Due  to  its  insolubility  in  CH3CN,  its  characterization  was 
limited  to  vibrational  spectroscopy  of  the  solid.  These  vibrational  spectra  were 

completely  analogous  to  those  of  IOF6~,  thereby  confirming  the  close  structural 
relationship  of  the  two  anions. 

Conclusions 

The  present  study  shows  that  the  preferred  structures  of  heptacoordinated  main-group 
fluorides  and  oxofluorides  are  pentagonal  bipyramids.  The  structure,  bonding,  and 
fluxionality  of  these  molecules  is  now  well  understood.  The  pentagonal  bipyramidal 
arrangement  cannot  be  explained  by  VSEPR-type  arguments  of  repelling  points  on  a 
sphere  but  is  due  to  the  spatial  distribution  of  the  valence  orbitals  on  the  central  atom. 
The  extensive  ligand  congestion  in  the  equatorial  plane,  combined  with  the  special 
requirements  for  five-fold  symmetry,  result  in  facile,  dynamic  puckering  of  the 

equatorial  plane  and  high  degrees  of  fluxionality.  The  novel  XeFs",  IOF^-,  and 

TeOFg2-  anions  have  been  prepared  and  characterized  and  are  the  first  known  examples 
of  pentagonal  bipyramidal  XF5E2  and  XOFg  species. 
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Abstract:  The  electrophilic  fluorination  of  methane  with  “F+”  equivalent  N2F+  and  NF4+  salts  was  studied  by  experiment 
and  theory.  Reaction  of  excess  methane  with  NF4+SbF6‘  in  pyridinium  polyhydrogen  fluoride  solution  gave  exclusively 
methyl  fluoride.  The  reaction  of  N2F+AsF4~  and  NF4+AsF6"  with  methane  (with  1:2  to  4:1  mole  ratio,  respectively) 
in  HF  solution  gave  methyl  fluoride  in  63-92%  relative  yield  with  26-6%  methylene  fluoride  and  2-11%  fluoroform 
with  no  carbon  tetrafluoride  formed.  In  a  theoretical  study  of  the  CH*  +  F+  model  reaction  stationary  points  on  the 
potential  energy  surface  were  calculated  at  the  QCISD/6-31G*//QCISD/6-31G*  +  ZPE  level.  The  mechanistic 
consequences  of  these  reactions  are  discussed. 


Introduction 


Table  1.  Fluorination  of  Alkanes 


The  concept  of  electrophilic  fluorination  of  organic  compounds 
was  pioneered  by  Barton  and  Hesse  in  their  work  with  CF3OF.2 
Adcock  and  Lagow  developed  the  use  of  highly  diluted  fluorine 
in  the  polyfluorination  of  hydrocarbons  in  a  radical  reaction.3 
The  electrophilic  fluorination  of  aromatics,  such  as  benzene  and 
toluene,  was  studied  with  highly  diluted  F2  by  Cacace  and  Wolf.4 
Selective  electrophilic  fluorination  of  saturated  hydrocarbons  with 
F2  leading  to  monofluorinated  product  was  demonstrated  by 
Rozen5  using  the  CHCI3/CFCI3  solvent  system.  They  proposed 
a  mechanism  involving  electrophilic  insertion  of  fluorine  into  the 
C-H  bond  of  the  alkane  in  a  typical  electrophilic  fashion  with 
CHCI3  acting  as  the  acceptor  of  the  fluoride  ion. 


r3ch  +  Fj 


chci,.  CFCI3 


...H 


F—  HCCI3 


■  R3CF  +  HF 


The  electrophilic  fluorination  of  methane,  the  parent  alkane,  was, 
however,  sofar  not  investigated.  Herein  we  report  direct  elec¬ 
trophilic  fluorination  of  methane  using  N^AsFs-  and  NF4+AsF4" 
(SbF«-)  salts,  as  well  as  related  theoretical  studies  and  discuss 
the  results  and  their  mechanistic  consequences. 


Results  and  Discussion 

In  order  to  study  the  electrophilic  fluorination  of  methane  and 
to  avoid  any  possible  free  radical  reactions  we  have  chosen  the 
ionic  salts  N2F+AsF<f  and  NF4+AsF4-  (SbF<f)  as  fluorinating 
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•Abstract  published  in  Advance  ACS  Abstracts,  June  1,  1994. 

(1)  Electrophilic  Reactions  at  Single  Bonds.  27.  For  part  26  see:  Olah,  G. 
A.:  Ramaiah,  P.  J.  Org.  Chem.  1993,  58,  4639. 

(2)  (a)  Barton,  D.  H.  R.;  Godhino,  L.  S.;  Hesse,  R.  H.;  Pechet,  M.  M.  /. 
Chem..  Soc.,  Chem.  Commun.  1968, 804.  (b)  Barton,  D.  H.  R.;  Danks,  L.  J.; 
Ganguly,  A.  K.;  Hesse,  R.  H.;  Tarzia,  G.;  Pechet,  M.  M.  J.  Chem.  Soc., 
Chem.  Commun.  1969,  227.  (c)  Hesse,  R.  H.  Isr.  J.  Chem.  1978, 17,  60. 

(3)  Adcock,  J.  L.;  Lagow,  R.  J.  J.  Am.  Chem..  Soc.  1974,  96,  7588. 

(4)  Cacace,  F.;  Wolf,  A.  P.  J.  Am.  Chem..  Soc.  1978, 100,  3639. 

(5)  Rozen,  S.;  Gal,  C.J.Org  Chem.  1987, 52, 2769, 1988,  S3, 2803.  Rozen, 
S.  In  Synthetic  Fluorine  Chemistry;  Olah,  G.  A.,  Chamber,  R.  D.,  Prakash, 
G.  K.  S„  Eds.;  Wiley:  New  York,  1992,  p  143. 


Mole  Ratio  of  Reagents  %  Conversion*  %  Product 
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Pyridine-HF 
24  hrs.,  r.t.,30  mL 


16 


1 


CH3F  + 
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CH2F2  +  CHF3 
0  0 


mbased  on  methane  consumption. 


agents.  Olah,  Christe,  et  al.  investigated6  previously  the  fluo¬ 
rination  of  aromatics  with  N2F+.  It  is  unlikely  that  even  in  this 
system  “F*”  can  be  involved  as  the  de  facto  electrophilic  species. 
An  electrophilic  mechanism  was  envisioned  with  concomitant 
elimination  of  nitrogen.  was  found  to  be  highly  oxidizing 
in  nature  resulting  also  in  significant  decomposition  products. 
Shack  and  Christe7  have  studied  the  reaction  of  NF4+SbF6~  with 
toluene  and  other  aromatics.  The  nature  of  the  ring  fluorination 
products  and  the  lack  of  side  chain  substitution  seem  to  imply 
direct  electrophilic  fluorination.  We  have  now  investigated  the 
fluorination  of  methane  with  N2F+  and  NF4+  salts  in  HF  and 
pyridinium  poly(hydrogen  fluoride)  (PPHF)  solvents. 

Whereas  free  “F+”  is  unknown  in  the  condensed  state, 
electrophilic  fluorination  of  hydrocarbons  is  of  substantial  interest. 
Barton’s  pioneeering  work2  on  low- temperature  fluorination  with 
CF3OF  opened  up  intensive  investigations  in  the  field.  Others 

(6)  Olah,  G.  A.;  Laali,  K.;  Famia,  M.;  Shih,  J.;  Sing,  B.  P.;  Shack,  J.  C.; 
Christie,  K.  O.  J.  Org.  Chem.  1985,  50, 1338. 
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Olah  et  al. 


Table  2.  Calculated  Energies  (-au),  ZPE  (kcal/mol),  and  Relative  Energies  (kcal/mol)  of  CH4F4' 


MP2(FU)6-31G»// 

MP2(FU)/6-31G* 

ZPE" 

MP4(SDTQ)/6-31G*// 

MP2(FU)/6-31G* 

rel4 

QCISD/6-31G*// 

QCISD/6-31G* 

rel' 

KC) 

139.578  26 

31.4 

139.598  46 

0.0 

139.594  00 

0.0 

2(C) 

139.522  15 

25.5 

139.546  54 

26.7 

139.540  46 

27.7 

3(C) 

139.577  51 

31. I* 

139.584  44 

8.5 

139.593  32 

0.1 

4(C,) 

139.503  44 

26.9' 

1 39.522  96 

42.9 

139.516  25 

44.3 

5  (Co) 

139.423  88 

26.9' 

139.444  04 

92.4 

139.436  87 

94.1 

CH3F(C,) 

139.342  66 

25.5 

139.360  68 

139.355  18 

CH4  (Td) 

40.195  07 

29.1 

40.354  79 

40.353  37 

F* 

98.730  38 

98.750  66 

98.769  92 

11  AtMP2(FU)/6-31G*//MP2(FU)/6-31G*.  4  AtMP4(SDTQ)/6-31G*//MP2(FU)/6-31G*+ZPE. '  AtQCISD/6-31G*//QCISD/6-3lG*+ZPE. 
<,NIMAG=1.  'NIMAG=2. 


used  CH3COOF,  whereas  Rozen5  pioneered  HOF  and  other 
reagents. 

The  electrophilic  fluorination  of  methane  with  N2F+AsF6~  and 
NF4+AsF6~  in  HF  gave  high  yields  of  methyl  fluoride.  With  a 
2:1  CH4  to  N2F+  (or  NF4+)  mole  ratio,  CH3F  is  formed  in  67 
and  63%  relative  yield,  repectively,  with  24-26%  CH2F2  and 
9-11%  CHF3  (no  CF4  was  observed).  When  using  a  1:1  CH4  to 
N2F+  (or  NF4+)  ratio,  CH3F  relative  yield  was  around  73-76%, 
and  with  a  4:1  mol  value  89-92%  of  CH3F  was  obtained  with 
only  6-8%  CH2F2  and  2-3%  CHF3.  When  a  large  excess  (16:1) 
of  methane  was  used  with  NF4+SbF6~  in  pyridinium  polyhydrogen 
fluoride  only  methyl  fluoride  was  observed.  To  account  for  the 
data,  an  electrophilic  insertion  of  N2F+  and  NF4+,  respectively, 
into  the  C-H  bond  of  methane  can  be  envisioned  giving  methyl 
fluoride.  One  of  the  referees  suggested  that  as  the  reaction 
solutions  also  contain  strong  superacids,  protonation  of  methane 
can  also  occur  to  give  CHs+  which  may  affect  the  reaction. 
However,  formation  of  CH5+  we  believe  has  no  consequence  on 
the  experimentally  observed  direct  fluorination  reaction.  Even 
if  a  limited  CH*  +  H+  *=*  CH5+  equilibrium  exists  due  to  some 
superacid  present  in  the  system,  there  must  be  at  any  given  time 
a  large  excess  of  methane  present  to  react  with  the  strong 
electrophilic  fluorinating  reagents. 

Since  electrophilic  fluorination  of  methane  with  insertion  of 
FN2+  and  N  F4+  is  difficult  to  study  by  theory  we  have  investigated 
simplified  model,  singlet  F+  cation  insertion  into  methane  and 
explored  the  CH4F+  potential  energy  surface.  The  related 
protonation  of  methyl  fluoride  was  previously  investigated 
experimentally  by  McMahon  and  Kebarle  in  the  gas  phase.8  On 
the  basis  of  the  variation  of  the  proton  affinities  of  methyl  halides 
as  a  function  of  their  valence  ionization  potential,  the  authors 
concluded  that  3c-2e  bonding  occurs  upon  protonation  of  a  C-H 
bond  in  CH3F.  This  was  based  on  the  fact  that  the  proton  affinity 
of  CH3F  does  not  correlate  with  its  valence  ionization  potential. 
This  behavior  suggested  that  the  CH4F+  ions  may  be  structurally 
different  from  other  CH3XH+  ions  (hydrido  halonium  ions)  and 
may  possess  the  3c-2e  bond.8 

Optimizations  on  CH4F+  isomers  were  carried  out  at  the  MP2- 
(FU) /6— 3 1 G*  and  QCISD /6-3 1G*  levels.  At  QCISD/6-3 1G*/ 
/QCISD/6-3 1  G*+ZPE  structure  1  is  27.7  kcal/mol  more  stable 
than  structue  2  (Table  2).  Structure  1  can  be  considered  as  a 
complex  between  the  CH3+  ion  and  the  HF  molecule  predomi¬ 
nantly  having  hydridofluoronium  ion  character.  Structure  2  is 
a  loosely  held  complex  between  CH2F+  and  H2  (Figure  1).  The 
structure  1  was  also  calculated  previously  at  the  Hartree-Fock 
level,  and  results  similar  to  those  reported  here  were  observed.9 
Structure  3  is  the  transition  structure  of  rotation  of  1  around  the 
C-F  bond  and  is  only  0.1  kcal/mol  less  stable  than  structure  1, 
indicating  the  facile  rotation  around  the  C-F  bond.  The  C*, 
symmetrical  structure  4  and  the  symmetrical  structure  5  are 

(8)  McMahon,  T.  B.;  Kebarle,  P.  Can.  J.  Chem.  1985, 63,  3160. 

(9)  Alcami,  M.;  Mo,  O.;  Yanez,  M.;  Abboud,  J.  L.;  Elguero,  J.  Chem. 
Phys.  Lett.  1990, 172, 471.  Hess,  B.,  Jr.;  Zahradnik,  R.  J.  Am.  Chem.  Soc. 
1990, 112, 5731.  Ikuta,  S.  J.  Mol.  Struct.  (Theochem)  1987, 149, 297.  Smith, 
S.  F.;  Chandrasekhar,  J.;  Jorjensen,  W.  L.  J.  Phys.  Chem.  1982, 86, 3308. 
Jorjensen,  W.  L.;  Coumoyer,  M.  E.  J.  Am.  Chem.  Soc.  1978, 110,  5278. 
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Figure  1.  QCISD/6-3 1 G*  optimized  structures  of  CK^F*.  Bond  lengths 
are  in  angstroms  and  angles  are  in  degrees. 

not  minima  as  each  of  them  contains  two  imaginary  frequencies 
in  their  calculated  vibrational  spectrum.  The  dissociation  of  1 
into  CH3F  and  H+  is  endothermic  by  144.0  kcal/mol  (at  QCISD/ 
6-31G*//QCISD/6-31G*+ZPE).  However,  formation  of  1 
from  CH4  and  F+  is  exothermic  by  as  much  as  293.1  kcal/mol 
at  the  same  level.  Thus  the  overall  reaction  to  form  CH3F  and 
H+  from  “F+”  and  CHU  is  exothermic  by  149.1  kcal/mol. 

C^F*  (1)  =  CH3F  +  H+  A H0  =  +144.0  kcal/mol 
CH4  +  F+  ■  CH^  (1)  Aff0  =  -293.1  kcal/mol 

The  electrophilic  fluorination  of  methane  with  N2F+  and  NF4+ 
in  HF  solution  gives  methyl  fluoride  in  89-92%  relative  yield 
with  high  selectivity.  Theoretical  studies  of  the  reaction  of 
methane  with  “F+"  are  in  accord  with  insertion  of  “F+”  into  the 
C-H  bond  leading  to  the  intermediate  CF3FH+,  1.  However, 
attempts  to  locate  the  transition  state  of  the  reaction  CH»  +  “F+” 
leading  to  formation  of  3c-2e  structure  6  (involving  initial  “F+” 
insertions  directly  into  the  C-H  bond)  failed.  This  is  due  to  the 
extremely  high  reactivity  of  electrophilic  “F+”  reacting  with 
methane  practically  without  any  activation  energy  barrier. 
Structure  1  was  found  to  be  the  global  minimum  on  the  CH4F+ 
potential  energy  surface. 


H 

6 


We  have  also  carried  out  a  similar  experimental  study  of  the 
fluorination  of  ethane  with  NF4+AsF6-  in  HF  solution.  Whereas 
the  results  are  more  complex,  CH3F  and  C2H5F  were  formed  in 
a  1.8:1  ratio.  Thus  NF4+  attack  takes  place  in  this  case  in  not 
only  the  C-H  bond  of  ethane  but  also  the  C-C  bond.  A  more 
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detailed  study  of  the  electrophilic  fluorination  of  ethane  and  higher 
alkanes  will  be  reported  elsewhere. 

Experimental  Section 

Fluorinating  agents  (NjF+AsFs-,  NF4+AsF6”,  and  NF4+SbF6*)  and 
pyridinium  poly(hydrogen  fluoride),  PPHF,  were  prepared  according  to 
published  procedures. 10  All  gaseous  chemicals  used  were  purchased  either 
from  Matheson  Gas  Products  or  PCR  Inc.  NMR  spectra  were  obtained 
on  a  Varian  Associate  Mode!  VXR-200.  GC  analyses  were  earned  out 
on  a  Varian  3400  gas  chromatograph  on  a  DB-1  column.  MS  analyses 
were  performed  on  a  Hewlett  Packard  5971  mass  spectrometer  (El). 
Identity  and  relative  response  factors  of  products  were  confirmed  by 
comparison  with  authentic  CHjF,  CH2F2,  and  CHF3  samples.  The  error 
margin  in  the  data  reported  in  Table  1  is  ±2%.  All  the  fluorinating 
agents  as  well  as  HF  and  PPHF  are  exceedingly  corrosive  and  toxic. 
Therefore,  the  experiments  should  be  performed  in  a  well- ventilated  hood 
with  great  caution  and  precautions  are  needed  for  such  work. 

Typical  Fluorination  Procedure,  (a)  Fluorination  of  Methane  with 
NFa+ShF**.  Methane  (500  psi,  150  mmol)  was  charged  to  a  stirred 
solution  of  3.05  g  of  NF4+SbF6“  (9.3  mmol)  dissolved  in  30  mL  of 
pyridinium  poly(hydrogen  fluoride)  (30:70)  in  a  100-mL  monel  autoclave. 

(10)  (a)  Christe,  K.  O.;  Guertin,  J.  P.;  Pavlath,  A.  E.  Inorg.  Nucl.  Chem. 
Lett.  1966, 2. 83.  (b)  Christe,  K.  O.jSchack,  C.  J.;  Wilson,  R.  D.  Inorg.  Chem. 
1976,  IS,  1275.  (c)  Mason,  J.;  Christe,  K.  O.  Inorg.  Chem.  1983,  22,  1849. 
(d)  Olah,  G.  A.;  Welch,  J.  T.;  Vankar,  Y.  D.;  Nojima,  M.;  Kerekes,  I.;  Olah, 
J.  A.  J.  Org.  Chem.  1979,  44,  3872. 


After  the  reaction  mixture  was  kept  at  room  temperature  for  24  h,  the 
gaseous  product  was  passed  through  a  KF  trap  and  collected  at  -95  °C. 
GC  and  MS  analysis  showed  only  CHjF.  The  identity  of  CHjF  was 
further  confirmed  by  its  ‘H  and  I9F  NMR  spectrum  by  dissolving  the 
gas  in  CDClj. 

(b)  Fluorination  of  Methane  with  NjF^AsF*"  and  NF4+AsF4~.  The 
appropiate  stoichiometric  amounts  of  fluorinating  agents  (NjF^AsFf' 
and  NF4+AsF6~)  were  placed  in  10-mL  stainless  steel  Hoke  cylinders 
under  dry  nitrogen.  Anhydrous  HF  and  methane  gas  were  introduced 
at  -196  °C  using  a  stainless  steel  Teflon  vacuum  system  (for  the  ratios, 
see  Table  1).  After  the  samples  were  kept  at  room  temperature  for  4  h, 
the  gaseous  products  were  passed  through  a  KF  trap,  collected  at  -196 
°C  (using  liquid  nitrogen),  and  analyzed  by  GC  and  MS  . 

Calculations.  All  calculations  were  carried  out  with  the  Spartan1 1  and 
Gaussian12  packages  of  programs. 
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Abstract:  The  new  HPF5‘  salt,  N(CH3)4HPF5,  was  prepared  and  the  infrared  and  Raman  spectra  of  N(CH3)4HPF5 
and  CsHPFj  were  recorded.  The  spectra  were  assigned  with  the  help  of  ab  initio  molecular  orbital  and  local  density 
functional  calculations,  and  a  normal  coordinate  analysis  was  carried  out.  For  comparison,  the  unknown  isoelectronic 
molecule  HSF5  was  also  calculated  by  the  same  methods.  The  internal  stretching  force  constants  of  HPF5-  are  compared 
to  those  of  closely  related  phosphorus  and  sulfur  fluorides  and  hydrides  and  confirm  the  existence  of  a  c/'s-effect  in  these 
hydrogen-substituted  main  group  hexafluorides.  The  observed  substitution  effects  are  explained  in  terms  of  a  hypervalent 
bonding  scheme  and  result  in  a  preferential  weakening  of  the  four  equatorial  cw-bonds. 


Introduction 

During  recent  studies  of  the  novel  PF4~  anion3  and  its  reaction 
chemistry,4  the  HPF5~  anion  was  observed  as  one  of  the  reaction 
products.  Although  this  anion  is  known  and  has  been  character¬ 
ized  by  ‘H,  19F,  and  31P  NMR  spectroscopy,5-10  the  reports  on 
its  vibrational  spectra  were  limited  to  an  incomplete  listing  of 
some  of  the  infrared  bands  without  assignments.8  Since  the  HPF5- 
anion  is  the  only  known  main  group  element  species  containing 
five  fluorine  ligands  and  one  hydrogen  ligand,  it  offered  a  unique 
opportunity  to  examine  experimentally  the  mutual  ligand 
interaction  effects  exercised  by  the  hydrogen  ligand  on  fluorines 
in  cis-  and  t/ww-positions. 

Mutual  ligand  interaction  effects  in  monosubstituted  main 
group  element  hexafluorides  have  been  the  subject  of  several 
previous  studies.11-13  For  example,  Armstrong  and  co-workers 
published  in  1975  the  results  from  CNDO/MO  calculations  on 
monosubstituted  tellurium  hexafluorides,  TeFsX.  They  concluded 
that  generally  the  four  fluorine  ligands  in  m-positions  to  X  become 
more  labile  than  the  one  in  the  trans-position,  except  for  HTeFs 
where  the  hydrogen  substitution  produced  a  weaker  trans  Te-F 
bond  and,  surprisingly,  exhibited  the  weakest  ligand  interaction 
within  the  H,  OH,  NH2,  Cl,  CH3,  Br,  SH,  PH2,  and  SiH3  series 
of  ligands.11  In  1976,  Shustorovich  and  Buslaev  proposed  the 
terms  trans-  or  ci's-effect,  depending  on  which  bond  is  more 
strongly  affected  by  the  substitution. 12  On  the  basis  of  qualitative 
MO  arguments,  they  predicted  for  MF5X  compounds,  where  the 


t  Dedicated  to  Prof.  Wolfgang  Sawodny  on  the  occasion  of  his  60th  birthday. 
•  Abstract  published  in  Advance  ACS  Abstracts,  June  15,  1994. 
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main  group  central  atom  M  is  in  its  highest  oxidation  state  and 
X  is  a  strong  a  donor  such  as  H  or  CH3,  a  cu-effect  consisting 
of  a  weakening  of  the  cis  M-F  bonds  and  a  strengthening  of  the 
trans  M-F  bond.  They  also  used  the  difference  A  between 
equatorial  and  axial  M-F  bond  lengths  for  distinguishing  a  dr- 
effect  from  a  trans-effect.  If  A  is  positive,  the  dr-effect  dominates, 
while  for  a  negative  A  the  franr-effect  prevails.  In  1987, 
Oberhammer  and  co-workers  determined  the  structure  of  SF5Br 
by  a  combined  electron  diffraction-microwave  study  and  estab¬ 
lished  the  presence  of  a  small  dr-effect.  They  also  carried  out 
ab  initio  calculations  with  various  basis  sets  (3-2 1 G,  3-2 1 G*.  and 
6-3 1 G*)  for  SF6  and  HSF5  to  confirm  the  dr-effect  of  a  donating 
substituent  in  these  monosubstituted  sulfur  hexafluorides  but  for 
HSF5  reported  only  the  calculated  bond  lengths  and  angles.13 

Experimental  Section 

Apparatus  and  Materials.  Volatile  materials  were  handled  in  a 
passivated  (with  C1F3)  stainless  steel-Teflon  FEP  vacuum  line.14 
Nonvolatile  materials  were  handled  in  the  dry  nitrogen  atmosphere  of  a 
glovebox.  The  infrared,  Raman,  and  NMR  spectrometers  have  previously 
been  described.3  Literature  methods  were  used  for  the  synthesis  of 
N(CH3)4F15  and  the  drying  of  HF,16  CH3CN,17  and  CsF.18  The  PF3 
(Ozark  Mahoning)  was  purified  by  fractional  condensation  prior  to  its 
use. 

Syntheses  of  N(CH3)4HPF5  and  CsHPF*.  Typically,  2  mmol  of  MF 
(M  =  N(CH3)4  or  Cs)  was  loaded  in  the  drybox  into  a  prepassivated  0.75 
in.  o.d.  Teflon  FEP  ampule  that  was  closed  by  a  stainless  steel  valve.  On 
the  vacuum  line,  about  4  mL  of  liquid  HF  was  added  and  the  mixture 
was  agitated  at  room  temperature  for  1  h.  The  excess  of  unreacted  HF 
was  pumped  off  at  room  temperature  leaving  behind  MHFynHF  (n  = 
1-2).  Dry  CH3CN  (about  3  mL  of  liquid)  and  PF3  (about  6  mmol)  were 
added  to  the  ampule  at  -196  °C,  and  the  mixture  was  agitated  at  room 
temperature  for  1  h  which  resulted  in  the  precipitation  of  a  white  solid. 
All  volatile  material  was  pumped  off  at  room  temperature  leaving  behind 
MHPF5  in  quantitative  yield  (found  weights  were  within  1  mg  of  those 
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Table  1.  Vibrational  Spectra  of  CsHPF5  and  N(CH3)«HPFs  and  Their  Assignments 


obsd  freq,  cm-1 

(rel intens) 

CsHPFj 

N(CH3)4HPF5 

assignment  (point  group) 

IR 

Raman 

IR 

Raman 

HPFj-(C<») 

N(CH3)<+  (7» 

3130  w 

3047  m 

3046  (25) 
3004  (9) 
2988  sh 

•s(E) 

2975  w 

2968  (15) 

•ufFj) 

2927  (6) 

•i(Ai) 

2888  (2) 

+combination 

2821  (5)  ) 

bands 

2508  shl 

2478  m) 

2487  ms 

2486  (4) 

2*s(Ai) 

2378  s 

2375  s 

2373  (8)1 

2360 sh 

2355  m 

2355  (4)) 
1530(1) 

•i(Ai) 

1494  vs 

1470  (85) 

•15(F2) 

l(Al),  l(E) 

1442  w  1 

1419  ms) 

1303  w 

1418  (7) 

•16(F2) 

1287  w 

1287  (3) 

•17(F2) 

1235  vs 

1238  vs 

1238  (11) 
1175  (8) 

l(E) 

•7(E) 

949  vs 

948 (100) 

•is(F2) 

945  vw 

918  vw 

918  (2) 

(l  +  vu)(E) 

2vis(F2) 

740-840  vs,  br 

750-820  vs,  br 

800(3) 

l(E) 

762  vs 

769  (65) 

768  (15) 
754  (47)1 
740  sh  J 

l(Al) 

•3(Ai) 

672  vw 

672  vw 

2vi  i(Aj) 

602  s 

607  (100) 

602  s 

579  vw 

608  (20) 

l(Al) 

558  ms 

558  ms 

558  (3) 

»«(Ai) 

542  (30) 

537  vw 

542(6) 

vs(Bi) 

512s 

514  (25) 

512s 

514(7) 

•’10(H) 

458  mw 

458 (15) 

•1*(F2) 

440(25) 

440(7) 

373  (18) 

•7(82) 

i(E) 

333  mw 

333  mw 

337(1) 

•11(E) 

calculated  for  MHPF5) .  The  products  were  identified  by  vibrational  and 
NMR  spectroscopy  as  MHPFs  salts.*-10 

Computational  Methods.  The  geometries,  vibrational  frequencies,  and 
force  fields  of  HPFs*and  HSF5  were  calculated,  as  previously  described,19 
in  the  local  density  functional  (LDF)  approximation  by  using  the  program 
system  DMol  with  a  polarized  double  numerical  basis  set.  Ab  initio 
molecular  orbital  calculations  were  also  performed  with  the  program 
GRADSCF20  with  a  polarized  double-f  basis  set  and  with  a  polarized 
double-)-  basis  set  augmented  with  a  set  of  diffuse  p  functions  on  the 
heavy  atoms  and  a  diffuse  s  function  on  hydrogen  with  f(s)  =  0.041. 21 


(19)  (a)  Christe,  K.  O.;  Wilson,  R.  D.;  Wilson,  W.  W.;  Bau,  R.;  Sukumar, 

S. ;  Dixon,  D.  A.  J.  Am.  Chem.  Soc.  1991,  113,  3795.  (b)  Dixon,  D.  A.; 
Andzelm,  J.;  Fitzgerald,  G.;  Winuner,  E.;  Jasien,  P.  In  Density  Functional 
Methods  in  Chemistry,  Labanowski,  J.,  Andzelm,  J.,  Eds.;  Springer  Verlag: 
New  York,  1 991 ;  p  33.  (c)  Dixon,  D.  A.;  Christe,  K.  O.  J.  Phys.  Chem.  1992, 
96, 1018.  (d)  Delley,  B.  J.  Chem.  Phys.  1990,  92,  508.  Dmol  is  available 
commercially  from  BIOSYM  Technologies,  San  Diego,  CA.  A  FINE  grid 
was  used. 
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by  A.  Komomicki  at  Polyatomics  Research,  (b)  Komomicki,  A.;  Ishida,  K.; 
Morokuma,  K.;  Ditchfield,  R.;  Conrad,  M.  Chem.  Phys.  Lett.  1977, 45, 595. 
(c)  Mclver,  J.  W.,  Jr.;  Komomicki,  A.  Chem.  Phys.  Lett.  1971, 10, 202.  (d) 
Pulay,  P.  In  Applications  of  Electronic  Structure  Theory,  Schaefer,  H.  F., 
Ill,  Ed.;  Plenum  Press:  New  York,  1977;p  153.  (e)  King,  H.  F.;  Komomicki, 
A.  J.  Chem.  Phys.  1986,  84,  5465.  (0  King,  H.  F.;  Komomicki,  A.  In 
Geometrical  Derivatives  of  Energy  Surfaces  and  Molecular  Properties-, 
Jorgenson,  P.,  Simons,  J.,  Eds.;  D.  Reidel:  Dordrecht,  1986;  NATO  ASI 
Series  C,  Vol.  166,  p  207. 

(2 1 )  (a)  For  F,  H,  and  O  basis  sets  and  for  diffuse  functions  see:  Dunning, 

T.  H.,  Jr.;  Hay,  P.  J.  In  Methods  of  Electronic  Structure  Theory,  Schaefer, 
H.  F.,  III,  Ed.;  Plenum  Press:  New  York,  1977;  Chapter  1.  (b)  For  P  and 
S  basis  sets  see:  (b)  McLean,  A.  D.;  Chandler,  G.  S.  J.  Chem.  Phys.  1980, 
72,5639. 


Results  and  Discussion 

Syntheses  of  the  HPF5  Salts.  Attempts  to  prepare  the  HPF5* 
salts  from  the  corresponding  fluorides  and  excess  PF3  in  anhydrous 
HF  solution  were  unsuccessful  and  resulted  in  the  exclusive 
formation  of  the  corresponding  bifluorides.  This  is  attributed  to 
HF  being  a  stronger  Lewis  acid  than  HPF<  and,  therefore, 
displacing  HPF<  from  its  HPF5~salts.  Consequently,  thesyntheses 
of  the  HPF5- salts  were  advantageously  carried  out  in  two  separate 
steps.  The  first  one  involved  the  conversion  of  the  fluorides  to 
the  bifluorides  in  anhydrous  HF  solution, 

HF 

MF+HF  —  MHF2 

followed  by  removal  of  the  unreacted  HF  and  the  reaction  of  the 
resulting  bifluoride  with  PF3  in  CH3CN  solution. 

CHjCN 

MHF2  +  PF3  —  MHPF5 

This  approach  offers  the  additional  advantage  that  for  M  being 
cesium,  the  CSHF2  is  quite  soluble  in  CH3CN  while  CsF  is  not. 
The  purity  of  the  MHPF5  salts  prepared  in  this  manner  is  excellent 
and  the  yields  are  quantitative.  The  use  of  an  excess  of  PF3  in 
this  reaction  is  important  to  ensure  that  all  MHF2  is  converted 
to  MHPF5  and  any  excess  HF  is  converted  to  HPF4. 

Vibrational  Spectra  of  N(CH3)4HPF5  and  CsHPFj.  The 
infrared  and  Raman  spectra  of  these  two  HPF5-  salts  were 
recorded.  The  observed  frequencies  and  their  assignments  are 


I 


IR  and  Raman  Spectra  of  N(CH3)4HPF5  and  CsHPFs 


Figure  1.  Infrared  (A)  and  Raman  (B)  spectra  of  solid  N(CH3)4HPFj 
recorded  at  room  temperature.  The  bands  due  to  the  anion  are  marked 
by  their  frequency  values. 

summarized  in  Table  1 .  The  spectra  of  N(CH3)4HPF5  were  of 
better  quality  than  those  of  CsHPFs  and  are  shown  in  Figure  1. 
The  bands  due  to  HPF5~  are  marked  by  their  frequency  values; 
the  remaining  bands  belong  to  the  N(CH3)4+  cation. 

The  assignments  for  the  N(CH3)4+  cation  are  well  under- 
stood3’15-17  and  were  made  accordingly.  The  assignments  for 
HPFj"  were  made  in  point  group  Qo  based  on  frequency  and 
intensity  arguments,  and  above  all  a  comparison  with  the  results 
from  the  local  density  functional  and  ab  initio  calculations  (see 
below).  The  agreement  between  the  observed  and  calculated 
frequencies  is  very  good  and  firmly  establishes  the  assignments 
given  in  Tables  1  and  2. 

Ab  Initio  Electronic  Structure  Theory  Calculations.  Ab  initio 
molecular  orbital  (MO)  theory  and  LDF  theory  were  used  to 
calculate  the  vibrational  frequencies  (Table  2),  geometries  (Table 
3),  force  fields  (Table4),  and  potential  energy  distributions  (Table 
5)  for  the  HPFj-  anion  and  the  isoelectronic  HSF5  molecule.  The 
LDFT  vibrational  frequencies  calculated  for  HPFj-  are  in 
excellent  agreement  with  the  experimentally  observed  ones  after 
scaling  of  the  deformation  modes  by  an  empirical  factor  of  1 . 1 0 1 2 
to  maximize  the  fit.  The  scaling  of  the  deformation  frequencies 
is  necessary  because  the  bond  lengths,  calculated  at  the  LDFT 
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level,  tend  to  be  long  by  about  0.02-0.05  A  for  these  types  of 
compounds3  and  the  deformation  frequencies  are  more  strongly 
influenced  by  the  bond  length  changes  than  the  stretching  modes. 
The  MO  results  also  show  very  good  agreement  with  the 
experimental  frequencies  if  empirical  scaling  factors  are  used.  In 
general,  the  MO  methods  tend  to  underestimate  bond  lengths  so 
that  the  frequencies  are  overestimated.  It  is  also  worth  noting 
that  the  calculated  values  are  harmonic  and  anharmonicity  lowers 
the  observed  frequencies.  The  MO  bond  lengths  are  about  0.04 
A  shorter  than  the  corresponding  LDFT  values  for  HPF5‘,  whereas 
for  HSFj,  the  differences  increase  to  about  0.05  A.  The  calculated 
angles  agree  with  each  other.  There  is  only  a  small  effect  of 
adding  diffuse  functions  to  the  basis  set  at  the  MO  level  on  the 
frequencies  and  there  is  no  effect  within  0.00 1 A  on  the  geometries. 
Furthermore,  the  S-F  bond  lengths  calculated  by  us  for  HSFj 
at  the  HF/DZP+  level  of  theory  are  in  good  agreement  with 
those  previously  obtained13  at  the  3-21 G*  and  6-3 1G*  levels.  The 
quality  of  our  LDFT  and  HF/DZP+  methods  was  also  examined 
by  calculating  the  geometries  of  the  closely  related  PF^  and  SF6 
species  for  which  experimental  values  are  known.22-23  The  results 
from  the  calculations  are  given  in  Table  3  and  the  following 
predictions  can  be  made  for  the  actual  geometries  of  HPFj-  and 
HSF5:  HPFs-,  r(P-F„)  =  1 .628  A,  rfP-F*,)  =  1 .649  A,  r(P-H) 
=  1.404  A,  4F„-P-F«,)  =  89.3°;  HSFs,  r(S-F«)  =  1.574  A, 
KS-F*,)  =  1.586  A,  r(S-H)  =  1.324  A,  /(F^-S-F*,)  =  89.5°. 

Structure  and  Bonding  in  HPF$~  and  HSFj.  The  species  HPFs' 
and  HSF5  can  be  derived  from  octahedral  PF«-  and  SF6, 
respectively,  by  substitution  of  one  fluorine  ligand  by  one  hydrogen 
ligand.  Since  no  experimental  data  were  available  on  how 
hydrogen  substitution  in  a  perfluorinated  XF6  species  influences 
the  rest  of  the  molecule,12-24  it  was  interesting  to  analyze  this 
situation  more  closely. 

First,  consider  the  repulsion  effects  of  the  hydrogen  ligand. 
According  to  the  second  basic  tenet  of  the  valence  shell  electron 
pair  domain  ( VSEPD)  model,25  the  size  of  a  single  bond  domain 
in  the  valence  shell  of  a  central  atom  decreases  with  increasing 
electronegativity  of  the  ligand.  Since  hydrogen  has  a  much  lower 
electronegativity  than  fluorine,  the  electron  pair  domain  of  a 
P-H  bond  should  be  larger  than  that  of  a  P-F  bond  and,  therefore, 
a  P-H  bond  domain  should  be  more  repulsive  than  that  of  a  P-F 
bond.  As  has  already  previously  been  pointed  out,  this  tenet  is 
not  generally  valid,  as  was  shown  by  the  bond  angles  of  PH3  and 
PF3  and  30  additional  examples.26  Contrary  to  the  VSEPD 
expectations,  the  bond  angle  in  PF3  (97.8°)  is  significantly  larger 
than  that  in  PH3  (93.8°),  suggesting  that  the  size  of  the  ligands 
is  also  important.26  On  the  basis  of  general  considerations,  one 


Table  2.  Comparison  of  Observed  and  Calculated  Frequencies  of  HPFj-  and  Calculated  Frequencies  of  HSF5  and  Their  Approximate  Mode 
Descriptions 


IR  and  assignmt 
Raman  in  Pt 
activity  group  Ctc 

approx  mode 
description 

HPFj- 

HSFj4 

obsd  freq,  cm*1  (int) 

ealed  freq,  cm-1  (IR  int) 

ealed  freq,  cm-1  (IR  int)' 

IR 

Raman 

LDFT/DNP" 

HF/DZP4 

HF/DZP-K 

LDFT/DNP 

HF/DZP 

HF/DZP+ 

IR,  RA 

Ai  «-i 

vXH 

2375  s 

2373  (8) 

2368 

2367 (244) 

2394 (246) 

2661 

2756  (17) 

2727  (14) 

*2 

vXF„ 

762  vs 

768 (15) 

773 

793 (268) 

794  (277) 

821 

875  (261 )( 

867  (263) 

v  sym  XF4 

602  s 

608  (20) 

591 

599  (45) 

598  (52) 

652 

688  (32) 

681  (34) 

in  phase 

Vi 

&  umbrella  XF4 

558  ms 

558  (3) 

571 

556  (25) 

556  (22) 

619 

619  (42) 

618(41) 

-,  RA 

Bi  vs 

v  sym  XF4 

542  (6) 

538 

528  (0) 

526  (0) 

603 

629  (0) 

622  (0) 

out  of  phase 

Vi 

4  pucker,  XF4 

not  obsd 

281 

287  (0) 

288  (0) 

314 

328  (0) 

327  (0) 

-,  RA 

B2V7 

4scissXF4 

440(7) 

436 

432  (0) 

432  (0) 

487 

492  (0) 

489  (0) 

IR,  RA 

E  I»8 

4  wag  XH 

1238  vs 

1238  (11) 

1236 

1293 (144) 

1288  (128) 

1328 

1420  (25) 

1411  (27) 

*9 

v  asym  XF4 

750-820  vs 

800  (3) 

801 

803  (1070) 

798(1158) 

890 

923  (1080) 

912(1124) 

V10 

4  wag  XFu 

512  s 

514(7) 

510 

505  (27) 

505  (28) 

556 

565  (40) 

562  (39) 

*1! 

4  asym  XF4 

333  mw 

337(1) 

331 

333  (1.7) 

334(1.5) 

371 

385  (4.8) 

383  (4.6) 

in  plane 

*  The  deformation  frequencies  were  multiplied  by  a  factor  of  1.1012  to  maximize  their  fit  with  their  observed  frequencies.  6  The  stretching  and 
deformation  frequencies  were  multiplied  by  factors  of  0.90624  and  0.92748,  respectively. *  The  stretching  and  deformation  frequencies  were  multiplied 
by  factors  of  0.89874  and  0.92345,  respectively.  4  In  the  absence  of  experimental  data,  the  same  scaling  factors  as  for  HPFj*  were  used.  *  In  km  mol-1 . 
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Table  3.  Calculated  Geometries  of  HPFj"  and  HSF5  Compared  to  Those  Calculated  and  Observed  for  PFS~  and  SF$ 


hpf5- 

HSFs 

LDFT/DNP  HF/DZP+ 

LDFT/DNP 

HF/DZP+ 

3-21G*  " 

6-3 1G* 

"  MP2/6-31G* " 

KS325M 

1.607 

1.602 

1.553 

1.556 

1.560 

1.602 

-ESSzwS 

1.628 

1.613 

1.567 

1.565 

1.573 

1.611 

1.382 

1.351 

1.305 

89.3 

89.6 

89.5 

89.3 

89.4 

89.4 

pf6- 

sf6 

obsd*  LDFT/DNP 

HF/DZP+ 

obsdc 

LDFT/DNP 

HF/DZP+ 

3-21G*" 

6-31G*" 

r(X-F)  1.625 

1.639 

1.603 

1.563 

1.593 

1.548 

1.550 

1.554 

•  Values  from  ref  13.  *  Values  from  ref  23.  *  Values  from  ref  22. 

Table  4. 

Scaled" 

LDFT/DNP  and  HF/D2P+  Force  Fields*  of  HPFS-  and  HSF* 

HPF5- 

A, 

Bi 

E 

Fu 

F22 

F33 

Fu 

^55 

6 

Ft» 

Fio,io 

Fn.ii 

Fn 

3.228 

^55 

3.234 

Fm 

0.873 

(3.247) 

(3.034) 

(0.892) 

Fu 

-0.003 

4.018 

Fu 

-0.131 

1.116 

F99 

0.444 

3.597 

(-0.001) 

(4.109) 

(-0.096) 

(1.228) 

(0.469) 

(3.605) 

b2 

F33 

0.184 

0.580 

4.218 

Ftj 

1.467 

F10.10 

0.050 

0.515 

1.724 

(0.330) 

(0.803) 

(4.341) 

(1.373) 

(0.060) 

(0.554) 

(1.627) 

Fu 

-0.119 

0.744 

-0.095 

2.154 

Fn.11 

0.108 

0.393 

0.217 

1.649 

(-0.137) 

(0.778) 

(-0.029) 

(1.988) 

(0-113) 

(0.431) 

(0.192) 

(1.577) 

HSFs 

A, 

B, 

E 

^*11 

Fn 

F33 

F44 

^55 

Ft 6 

Fu 

F10.10 

Fuji 

F\\ 

4.062 

f55 

4.062 

Ft * 

0.917 

(4.267) 

(4.316) 

(0.968) 

Fn 

-0.103 

4.626 

F<S6 

-0.183 

1.450 

F99 

0.488 

4.467 

(-0.043) 

(5.188) 

(-0.151) 

(1.480) 

(0.537) 

(4.800) 

Bj 

F& 

0.002 

0.408 

4.952 

Fn 

1.728 

Fio,io 

0.042 

0.537 

1.952 

(0.017) 

(0.687) 

(5.520) 

(1.650) 

(0.066) 

(0.624) 

(1.918) 

F* 4 

0.039 

0.810 

-0.195 

2.431 

Fuji 

0.090 

0.448 

0.223 

1.928 

(0) 

(0.890) 

(-0.095) 

(2.270) 

(0.097) 

(0.505) 

(0.194) 

(1.887) 

*  For  the  LDFT/DNP  force  fields,  the  deformation  constants  were  scaled  by  a  factor  of  (1.1012)2  and  the  stretch-bend  interaction  constants  by 
1.1012.  For  the  HF/DZP+  force  fields,  the  following  scaling  factors  were  used:  stretching  constants,  (0.89874)2;  deformation  constants,  (0.92345)2; 
and  stretcb-bend  interaction  constants  (0.89874  x  0.9234S).  *  The  HF/DZP+  force  fields  are  listed  in  parentheses. 


Table  5.  Potential  Energy  Distributions  for  HPF5"  and  HSF5  for  the  LDFT/DNP  Force  Field 


hpf5-  HSF5 


freq,  cm*1 

PED,  % 

freq,  cnr1 

PED,  % 

A, 

2368 

99.65, 

2661 

99.55,  +  0.354  +  0.15: 

*2 

773 

53.35j  +  42.05«+ 4.753 

821 

51.75:  +  45.254  +  2.9 53  +  0.25, 

591 

73.053  +  14.154  +  12.65:  +  0.355, 

652 

84.15s  +  1 1.25:  + 4.75« 

H 

571 

92.35a  +  7.452  +  0.25s 

619 

92.954  +  6.7 5:  +  0.353  +  0.15, 

Bj 

vs 

538 

99.95s +  0.156 

603 

99.85s  +  0.25s 

v 6 

281 

99.856  +  0.25s 

315 

99.756  + 0.35s 

Ba 

436 

10057 

487 

10057 

E 

1236 

99.95s 

1328 

99.95* 

»» 

801 

59.659  +  17.45n  +  13.95j  +  9.15, 0 

890 

55.55,  +  18.75*  +  16.95,,  +  8.95, 0 

**10 

510 

6155,o+  29.85,1  +  6-95*  +  1.85? 

556 

60.85,0  +  31.75,,  +  5.85*+  1.75, 

>11 

331 

59.05,,  +  38.05,o  +  2.75*  +  0.35, 

372 

57.75n  +  40.25,0  +  1-95*  +  0.25, 

should  expect  at  least  three  factors  to  influence  the  bond  angles 
in  HPFj-.  These  are  the  sizes  of  the  ligands,  the  phosphorus- 
ligand  bond  distances,  and  the  electronegativities  of  the  ligands 
which  influence  the  size  of  the  electron  pair  domains.  Since  these 
factors  can  partially  compensate  each  other,27  it  is  difficult  to 


predict  the  net  effect.  The  slight  compression  of  the  Fax-P-F*, 
bond  angle  in  HPF;~  (see  Table  3)  indicates  that  the  effective 
repulsions  from  the  hydrogen  ligand  or  its  bonding  electron  pair 
domain  are  somewhat  larger  than  those  from  the  fluorine  ligands 
but  the  overall  effect  is  quite  small. 


|  IR  and  Raman  Spectra  of  N(CH3)4HPF5  and  CsHPF} 
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Table  6.  Internal  Stretching  Force  Constants  of  HPFs-  and  HSF5 
Compared  to  Those  of  Closely  Related  Pseudooctahedral  Species  and 
Some  Hydrides 


stretching  force  constant,  mdyn/A 


compd 

M-F„ 

M-F„ 

M-H 

PF<f« 

4.39 

4.39 

HPFj-* 

3.66 

4.02 

3.23 

H2PF4" 

3.07 

3.19 

PH„+4 

3.19 

PH3  4 

3.10 

SF6' 

5.26 

5.26 

SFjCK 

4.51 

4.83 

HSF5* 

4.49 

4.63 

4.06 

SFjBr* 

4.29 

4.50 

SOFj-' 

3.60 

3.75 

SFs-* 

2.06 

4.12 

HjS4 

3.95 

HsS+7 

3.65 

*  Reference  29.  *  This  work;  frr  =  0.246,  frr'  =  0.0645. '  Reference 
30.  4 Reference  31.  'Reference  32,/Reference  33.  zThis  work;  frr  = 
0.2225,  frr'  =  0.020.  *  Reference  34. 1  Reference  35.  *  Reference  36. 
J  Reference  37. 

The  second  point  of  interest  concerns  the  influence  of  hydrogen 
substitution  on  the  X-F  bond  strengths  and  whether  there  is  a 
significant  cis-  or  trans-effect.12’13  Since  hydrogen  substitution 
releases  additional  electron  density  into  the  rest  of  these  molecules, 
the  (6-)F-X(6+ )  bond  polarities  and,  hence,  the  lengths  of  their 
X-F  bonds  should  increase.  The  calculated  bond  distances  clearly 
show  this.  In  HPF5~,  the  P-F„  distance  is  essentially  the  same 
as  that  in  PF<f  whereas  the  P-F„,  bond  distances  are  0.02  A 
longer  (see  Table  3).  Another  measure  of  the  bond  strengths  are 
the  internal  stretching  force  constants  (see  Table  6).  The  HPF5- 
force  constants  were  derived  from  the  scaled  LDFT  vibrational 
frequencies  which  are  almost  identical  to  the  experimentally 
observed  ones  (see  Table  2)  and,  hence,  should  be  very  close  to 
the  true  force  field.2*  As  can  be  seen  from  Table  6,  the  averaged 
P-F  stretching  force  constant  decreases,  as  expected,  from  PF<f 
(4.39  mdyn/A)29  to  HPF5-  (3.73  mdyn/A).  Substitution  of  a 
second  fluorine  ligand  by  hydrogen,  i.e.,  going  from  HPFj-  to 
mmr-H2PF4-,  causes  a  comparable  further  weakening  of  the  P-F 
bonds  (f/ww-H2PF4-  =  3.07  mdyn/A).30  Calculations  carried 
out  by  us  for  H2PF4~  at  the  SCF  and  MP-2  levels  of  theory  with 
the  DZP  basis  set  confirmed  this  trend  and  showed  that  trans- 
H2PF4-  is  favored  over  the  cw-isomer  by  5.3  and  6.4  kcal/mol, 
respectively.  This  agrees  with  the  previous  experimental  studies8’30 
on  H2PF4~  in  which  only  the  trans-isomer  was  observed. 


(22)  McDowell,  R.  S.;  Aldridge,  J.  P.;  Holland,  R.  F.  J.  Chem.  Phys.  1976, 
80,  1203. 

(23)  Gutsev,  G.  L.  J.  Chem.  Phys.  1993,  98,  444. 

(24)  Gillespie,  R.  J.;  Hargittal,  I.  The  VSEPR  Model  of  Molecular 
Geometry,  Allyn  and  Bacon:  Boston,  1991. 

(25)  Gillespie,  R.  J.  Can.  J.  Chem.  1992,  70,  742. 

(26)  Myers,  T.  Monatsh.  Chem.  1992,  123,  363. 

(27)  The  partial  compensation  of  the  ligand  size  and  bond  length  effects 
on  the  bond  angles  is  demonstrated  by  the  following  two  examples:  (a)  NF3 
Z  102.2°  and  r  =  1.37  A,  NH3  Z  106.6  and  r  =  1.01  A,  PF3  Z  97.8°  and  r 
=  1.56  A,  PH3  Z  93.8°  and  r  =  1.42  A;  (b)  OFj  Z  103.3°  and  r  =  1.41  A, 
OHj  z  104.8°  and  r  =  0.965  A,  SF2  Z  98.3°  and  r  =  1.59  A,  SH2  Z  92.2°  and 
r  —  1.34  A.  For  the  same  ligands,  but  decreasing  sizes  of  the  central  atoms 
and  hence  decreasing  bond  lengths,  the  ligand-ligand  repulsions  and  thereby 
the  bond  angles  increase,  i.e.,  from  PF3  to  NF3,  PH3  to  NH3,  SF2  to  OF2,  and 
SH2  to  OH2.  For  the  same  central  atom  but  different  ligands,  the  size  of  the 
ligands  and  the  bond  length  changes  are  much  smaller  than  for  the  second 
period  ones  and,  therefore,  the  ligand  size  effect  dominates  and  the  bond 
angles  increase  on  going  from  SH2  to  SF2  and  PH3  to  PF3.  For  the  second 
period  central  atoms  the  relative  bond  length  shortening  dominates  and,  hence, 
the  bond  angles  increase  on  going  from  OF2  to  OH2  and  from  NF3  to  NH3. 

(28)  The  scaled  LDF  frequencies  closely  duplicate  the  experimentally 
observed  ones  and  LDF  force  ilelds  generally  predict  the  actual  off-diagonal 
symmetry  force  constants  very  well.  Therefore,  the  scaled  stretching  force 
constants  for  HPFr  and  HSF3  used  for  the  discussion  in  this  paper  should 
be  very  good  measures  for  the  relative  strengths  of  the  axial  and  equatorial 
bonds  in  these  species. 

(29)  Christe,  K.  O.;  Wilson,  R.  D.  Inorg.  Chem.  1975, 14,  694. 

(30)  Christe,  K.  O.;  Schack,  C.  J.;  Curtis,  E.  C.  Inorg.  Chem.  1976, 15, 
843. 


Table  6  also  shows  that  in  HPFs-  the  cm- fluorines  are  more 
strongly  affected  by  hydrogen  substitution  than  the  mznj-fluorine. 
These  results  confirm  the  cM-effect  previously  predicted12  by 
Shustorovich  and  Buslaev;  however,  there  is  no  evidence  for  a 
simultaneous  shortening  of  the  M-F^  bond.  The  M-Fums  bond 
is  also  weakened,  although  to  a  lesser  extent  than  the  M-F^ 
bonds.  Shustorovich  and  Buslaev  also  analyzed  correctly12  that 
when  in  MXF5  the  ligand  X  is  multiply  bonded  such  as  a  terminal 
oxygen  and  the  cis-M-F  bonds  may  be  slightly  longer  than  the 
trans-M-F  bonds,  as  shown  for  SOF5-  (see  Table  6)35  and  recently 
also  for  IOFs.38 

The  following  model  can  account  for  the  main  features  and 
ligand  interactions  in  these  hypervalent,  substituted,  pseudooc¬ 
tahedral  main  group  fluorides.  Ideally,  only  s  and  p  orbitals  are 
being  used  for  the  central  atom  requiring  the  assumption  of  semi¬ 
ionic,  3  center-4  electron  (3c-4e)  bonds39  to  compensate  for  the 
resulting  electron  deficiency.  Since  3c— 4e  bonds  involve  one 
p-orbital  of  the  central  atom  for  binding  two  fluorine  ligands, 
3c-4e  bonding  is  possible  only  for  approximately  linear  FMF 
groups  possessing  highly  electronegative  ligands  because  each 
ligand  must  carry  half  a  negative  formal  charge.  In  MXF5  or 
tra/u-MX2F4  where  X  is  either  a  sterically  active  free  valence 
electron  pair  or  a  highly  electropositive  ligand,  the  ligand  X  is 
ill-suited  for  the  formation  of  a  semi-ionic  3c-4e  bond  and, 
therefore,  seeks  high  s-character,  i.e.,  increased  covalency.  As 
a  consequence,  the  four  equatorial  M-Fdj  bonds  are  favored  to 
form  two  semi-ionic,  3c-4e  bond  pairs.  Since  the  axial  F  ligand 
which  is  trens  to  X  either  cannot,  if  X  is  a  free  valence  electron 
pair,  form  or  is  less  favored,  if  X  is  less  electronegative  than 
fluorine,  to  form  a  linear  semi-ionic,  3c-4e  bond  pair,  it  seeks  to 
form  a  regular  covalent  M-F  bond.  This  scheme  accounts  for 
the  very  large  difference36  between  axial  and  equatorial  bond 
strengths  in  SF5-,  where  X  is  a  sterically  active  free  valence  electron 
pair,  and  the  much  smaller,  but  significant,  differences  in  MXF5 
species,  where  X  is  either  H,  Br,34  or  Cl.33  If  X  is  a  doubly 
bonded  ligand,  such  as  a  terminal  oxygen,35  the  M-O  jt  bond 
competes  with  the  equatorial  semi-ionic  bonds  for  px  and  p,,  orbital 
electron  density  and,  thus,  weakens  the  cm-M-F„,  bonds. 
However,  this  effect  appears  to  be  relatively  weak. 

The  M-H  stretching  force  constants  are  surprisingly  insensitive 
to  changes  in  the  ligands,  the  oxidation  state  of  the  central  atom, 
and  formal  positive  or  negative  charges.  Thus,  the  P-H  stretching 
force  constant  of  PH4+  (3.19  mdyn/A)31  is  almost  identical  to 
that  found  for  HPF5-  (3.23  mdyn/A),  and  the  same  holds  for  the 
analogous  sulfur  compounds  (see  Table  6). 

We  would  like  to  briefly  comment  on  HSF5.  Although  this 
molecule  is  still  unknown,  the  LDF  calculations  indicate  that  the 
molecule  is  vibrationally  stable.  We  anticipate  that  the  molecule, 
if  prepared,  will  undergo  relatively  easy  HF  elimination  to  give 
SF4  +  HF. 

Finally,  it  is  interesting  to  compare  the  results  from  this  study 
with  the  reverse  substitution  effect,  i.e.,  the  influence  of  one  or 
two  fluorine  atoms  on  hydrogen  ligands  in  pseudooctahedral  main 
group  compounds.  In  a  previous  theoretical  study40  on  HjSbF- 

(31)  Siebert,  H.  Anwendungen  der  Schwingungsspektroskopie  in  der 
Anorgamschen  Chemie:  Springer-Verlag:  Berlin,  1966. 

(32)  Ruoff,  A.  J.  Mol.  Struct.  1969,  4,  332. 

(33)  Sawodny,  W.  Habilitation,  University  of  Stuttgart,  Germany,  1969. 

(34)  Christe,  K.  O.;  Curtis,  E.  C.;  Schack,  C.  J.;  Roland,  A.  Spectrochim. 
Acta,  Part  A  1977,  33A,  69. 

(35)  Christe,  K.  O.;  Schack,  C.  J.;  Pilipovich,  D.;  Curtis,  E.  C.;  Sawodny, 
W.  Inorg.  Chem.  1973, 12, 620. 

(36)  Christe,  K.  O.;  Curtis,  E.  C.;  Schack,  C.  J.;  Pilipovich,  D.  Inorg. 
Chem.  1972,  11,  1679. 

(37)  Christe,  K.  O.  Inorg.  Chem.  1975, 14,  2230. 

(38)  Christe,  K.  O.;  Curtis,  E.  C.;  Dixon,  D.  A.  J.  Am.  Chem.  Soc.  1993, 
115,  9655. 

(39)  (a)  Pimentel,  G.  C.  /.  Chem.  Phys.  1951, 19, 446.  (b)  Hach,  R.  J.; 
Rundie,  R.  E.  J.  Am.  Chem.  Soc.  1951, 73, 4321.  (c)  Rundle,  R.  E.  J.  Am. 
Chem.  Soc.  1963 ,85,  112. 

(40)  Yamamoto,  Y.;  Fujikawa,  H.;  Fujishima,  H.;  Akiba,  K.  J.Am.  Chem. 
Soc.  1989,  Ill,  2276. 
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HsSbOH-,  and  H*SbF2_  it  was  shown  that  the  electron- 
withdrawing  effect  of  fluorine  dominates  and  mainly  affects  the 
hydrogen  in  the  trans-position  by  increasing  the  ($+)H-Sb(5-) 
bond  polarity  and  thereby  its  bond  length.  Hence,  the  effect  of 
hydrogen  substitution  strongly  differs  from  that  of  fluorine 
substitution.  Whereas  fluorine  substitution  results  in  a  simple, 
electron-withdrawing  and  bond-weakening  trans-effect,  hydrogen 
substitution  results  in  a  preferential  weakening  of  the  cis-ligands 


due  to  increased  contributions  from  semi-ionic  3c-4e  bonding  to 
the  cts-bonds. 
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ABSTRACT 

The  hydrolysis  and  methanolysis  of  N(CH3)4PF4  were  studied  by  multinuclear 
NMR  and  vibrational  spectroscopy.  With  an  equimolar  amount  of  water  in  CH3CN 
solution,  PF4~  forms  HPO2F"  and  HPF5~  in  a  1:1  mole  ratio.  With  an  excess  of  water, 
HP02F”  is  the  sole  product  which  was  also  obtained  by  the  hydrolysis  of  HPF5“.  In  the 
presence  of  a  large  excess  of  F“,  the  hydrolysis  of  PF4"  with  an  equimolar  amount  of  water 
produces  POF2”.  The  resulting  N(CH3)4POF2  is  the  first  known  example  of  a  stable 
POF2“  salt.  The  geometries  and  vibrational  spectra  of  POF2"  and  HPC^F”  were  calculated 
by  ab  initio  methods,  and  normal  coordinate  analyses  were  carried  out  for  POF2~,  HPC^F" 
and  the  isoelectronic  SOF2,  HSC^F  and  C10F2+  species.  The  F“  affinities  of  FPO,  HPQ2 
and  related  species  and  the  reaction  enthalpies  of  the  hydrolysis  reactions  of  the  PF4“  and 
HPF5~  anions  were  also  calculated  by  ab  initio  methods  and  are  in  accord  with  the 
experimental  data.  The  methanolysis  of  PF4“  produces  PF2(OCH3)  and  PF(OCH3)2  as  the 
main  products. 


INTRODUCTION 
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N(CHj)4+PF4“,  the  first  example  of  a  PF4“  salt,  was  recently  prepared  and 
characterized  in  our  laboratories.4  In  the  course  of  this  work,  we  observed  that  this  salt 
undergoes  very  interesting  hydrolysis  reactions.  Depending  on  the  reaction  conditions,  this 
reaction  produces  either  POF2"  which  previously  had  been  observed  as  a  free  ion5a  only  at 

low  temperature  by  NMR  gpectroscopy5b  and  in  an  ion  cyclotron  resonance  spectrometer,6 
or  HPO2F"  and  HPF5-  which  had  previously  been  characterized  only  incompletely.7*15  In 
this  paper,  the  hydrolysis  and  methanolysis  reactions  of  PF4“  and  spectroscopic  data  for 
POF2”  and  HPO2F"  are  reported.  Our  results  on  HPF5-  have  been  included  in  a  separate 
paper16  discussing  mutual  ligand  interaction  effects  in  monosubstituted  main  group 
hexafluorides. 

EXPERIMENTAL  SECTION 

Apparatus  and  Materials.  The  syntheses  of  N(CH3)4PF44  and  N(CH3)4HPF5  16 
have  previously  been  described.  Volatile  materials  were  handled  in  a  Pyrex  glass  vacuum 
line  that  was  equipped  with  Kontes  glass-Teflon  valves  and  a  Heise  pressure  gage. 
Nonvolatile  materials  were  handled  in  the  dry  nitrogen  atmosphere  of  a  glove  box.  The 
infrared  and  Raman  spectrometers  have  previously  been  described.17 

Hydrolysis  of  NfCH314PF4  In  a  typical  experiment,  N(CH3)4PF4  (1.104  mmol) 
was  placed  in  the  dry  box  into  a  baked  out  3/4  inch  o.d.  Teflon-FEP  ampule  that  contained  a 
Teflon  coated  magnetic  stirring  bar  and  was  closed  by  a  stainless  steel  valve.  A  sample  of 
"wet"  CH3CN  was  made  up  by  the  addition  of  a  known  amount  of  H2O  to  a  known  amount 
of  dry  CH3CN,  and  the  water  content  of  the  resulting  solution  was  verified  by  a  Karl  Fischer 
titration.  An  amount  of  wet  CH3CN  (3.155  mL)  with  a  total  water  content  of  1.104  mmol 
was  pipetted  inside  the  dry  box  into  the  ampule  containing  the  N(CH3)4PF4,  and  the 
resulting  mixture  was  stirred  for  1  hour  at  room  temperature.  Then,  all  volatile  material  was 
pumped  off  for  12  hours  at  25°C  leaving  behind  198.4  mg  of  a  white  solid  that  was  identified 
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by  NMR  and  vibrational  spectroscopy  as  an  equimolar  mixture  of  N(CH3  ^HPFs  and 
N(CH3)4HPC>2F  (weight  calculated  for  0.552  mmol  of  N(CH3)4HPF5  plus  0.552  mmol  of 
N(CH3)4HP02F  =  197.8  mg). 


Preparation  of  N(CH7)4HP02F.  When  the  hydrolysis  reaction  of  N(CH3)4PF4  was 
repeated  with  a  five-fold  excess  of  H2O  and  a  reaction  time  of  5  days,  followed  by  removal 

of  all  volatile  material  in  a  dynamic  vacuum  at  85°C  for  2  days,  the  sole  product  was 
N(CH3)4HP02F. 

Hydrolysis  of  N(CHfl4HPF«;.  A  hydrolysis  reaction  of  N(CH3)4HPF5  with  2 
moles  of  H2O  was  carried  out  at  room  temperature,  as  described  above  for  N(CH3)4PF4. 
After  agitation  for  16  hours,  the  originally  present  white  solid  had  completely  dissolved. 
Removal  of  all  volatile  material  at  60°C  for  15  hours  in  a  dynamic  vacuum  resulted  in  a  white 
product  consisting  of  N(CHj)4HP02F  and  some  unreacted  N(CH3)4HPF5. 

Hydrolysis  of  N(CHjl4PF4  in  the  Presence  of  NfCH^F.  A  3/4  inch  o.d.  Teflon- 

FEP  ampule  that  was  closed  by  a  stainless  steel  valve  was  loaded  in  the  dry  box  with 
N(CH3)4F  (16.31  mmol).  Wet  CH3CN  (12.5  g),  containing  4.05  mmol  of  H20,  was 
added  to  the  ampule  and  PF3  (4.05  mmol)  was  added  at  -196°C  on  the  vacuum  line.  The 
mixture  was  warmed  to  -30°C  for  1  hour  with  agitation,  and  a  voluminous  white  precipitate 
formed.  After  warming  for  1  hour  to  room  temperature,  all  material  volatile  at  room 
temperature  was  pumped  off  for  8  hours  leaving  behind  a  white  solid  residue  (1949.4  mg, 
weight  calculated  for  4.05  mmol  N(CH3)4POF2  +  8.10  mmol  N(CH3)4HF2  +  4.6  mmol 
N(CH3)4F  -  1946.0  mg)  which,  based  on  its  infrared  spectrum,  was  a  mixture  of 
N(CH3)4POF2,  N(CH3)4HF2,  and  N(CH3)4F. 

Nuclear  Magnetic  Resonance  Measurements.  Samples  for  31P  and  19F  NMR 
spectroscopy  were  prepared  in  9  mm  and  5  mm  o.d.  Teflon-FEP  NMR  tubes,  respectively, 
and  recorded  as  previously  described4  on  a  B ruker  AM- 500  spectrometer.  The  spectra  were 
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referenced  to  neat  external  samples  of  CFC13  (19F),  85%  H3PO4  (31P)  and  H20  (170)  at 
ambient  temperature.  The  chemical  shift  convention  used  is  that  a  positive  sign  signifies  a 
chemical  shift  to  high  frequency  of  the  reference  compound. 

(a)  Reaction  of  N(CHt)4PF4  with  H2Q  in  CH3CN.  Typically,  17-180-enriched 
H20  (8.66  pL,  0.454  mmol)  was  injected  into  a  9  mm  FEP  tube  from  a  microsyringe  in  a 

nitrogen-filled  glove  bag.  The  tube  was  closed  with  a  Kel-F  valve  and  attached  to  a  glass 
vacuum  line.  Anhydrous  CH3CN  (1.8  mL)  was  distilled  in  vacuo  into  the  tube  at-196°C. 
The  tube  was  pressurized  with  dry  N2  at  -78°C  and  then  allowed  to  warm  to  room 

temperature  and  mixed  well.  The  tube  was  taken  into  the  dry  box  and  cooled  to  -196°C  in  a 
cold  well.  The  N(CH3)4PF4  (0.0822  g,  ca.  0.45  mmol),  containing  10-15% 
N(CH3)4POF2  and  N(CH3)4HPF5  as  impurities,  was  added  on  top  of  the  frozen  17-180- 
enriched  H20/CH3CN  mixture  contained  in  the  FEP  tube.  The  sample  tube  was  kept  at 
-196°C  while  removing  it  from  the  dry  box,  heat  sealing  it  under  a  dynamic  vacuum,  and 
storing  it  until  the  NMR  spectra  could  be  obtained 

(b)  Reaction  of  N(CHT)4PFA  with  H2Q  in  the  Presence  of  N(CHxUF  in  CHzCN. 

These  samples  were  prepared  in  a  similar  way  to  (a)  using  the  following  typical  quantities: 
l7,l8o-enriched  H20  (8.5  p.L,  0.45  mmol);  N(CH3)PF4  (containing  10  -  15% 
N(CH3)4POF2  and  N(CHj)4HPFs  as  impurities,  0.08081  g,  ca  0.46  mmol);  N(CH3)4F 
(0.10923  g,  1.1727  mmol).  The  N(CH3)4F  was  added  with  the  N(CH3)4PF4  on  top  of  the 
frozen  17.l80-enriched  H2O/CH3CN  mixture.  The  sample  tube  was  kept  at  -196°C  until  the 

NMR  spectra  could  be  obtained 

The  19F  NMR  samples  were  prepared  in  an  analogous  fashion  to  the  31P  samples  by 
using  4  mm  o.d.  FEP  NMR  tubes  and  the  following  typical  quantities:  (a)  N(CH3)4PF4 
(0.0100  g,  0.0552  mmol);  17*180-enriched  H20  (1.1  pL,  0.055  mmol)  and  CH3CN  (0.25 
mL);  (b)  N(CH3)4PF4  (0.0096  g,  0.053  mmol);  N(CH3)4F  (0.0194  g,  0.208  mmol); 
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17,180-enriched  H20  (1.1  pL,  0.055  mmol)  and  CH3CN  (0.25  mL).  Samples  were  not 
warmed  above  -78°C  until  just  prior  to  recording  the  spectra. 

The  sealed  FEP  sample  tubes  were  inserted  into  10  mm  or  5  mm  thin- walled 
precision  NMR  tubes  (Wilmad)  before  being  placed  in  the  probe. 

Computational  Methods.  The  electronic  structure  calculations  were  done  at  three 
different  levels  on  a  Cray  YMP  computer.  The  local  density  functional  calculations  were 
done  with  the  program  DMol  as  previously  described18  with  a  polarized  double  numerical 
basis  set  (LDFT/DNP).  Gradient  corrected  or  non-local  density  functional  calculations  were 
done  with  the  program  DGauss19  which  employs  Gaussian  basis  sets.  The  basis  sets  for  the 
atoms  are  triple  zeta  in  the  valence  space  augmented  with  a  set  of  polarization  functions 
(TZVP).20  These  calculations  were  done  at  the  self-consistent  gradient-corrected  (non-local) 
level  (NLDFT)  with  the  non-local  exchange  potential  of  Becke21  together  with  the  non-local 

-t-- 

correlation  functional  of  Perdew22  (BP).  The  ab  initio  molecular  orbital  (MO)  theory 
calculations  were  done  at  the  Hartree-Fock  level  with  the  program  GRADS  CF23  with  a 
polarized  double  zeta  basis  set  augmented  by  polarization  and  diffuse  (p  on  heavy  atoms  and 
s  on  H(zeta(s)  =  0.041))  functions.24  Geometries  at  all  levels  were  optimized  by  using 
analytical  gradients.19*25  The  second  derivatives  for  the  DFT  calculations  were  calculated  by 
numerical  differentiation  of  the  analytic  first  derivatives.  A  2  point  method  with  a  finite 
difference  of  0.01  a.u.  was  used.  Analytical  second  derivatives  were  used  for  the  MO 
calculations.25 


RESULTS  AND  DISCUSSION 

The  hydrolysis  of  PF4"  in  CH3CN  solution  was  studied  by  multinuclear  NMR  and 
vibrational  spectroscopy.  As  shown  in  the  following  paragraphs,  the  nature  of  the  formed 
products  strongly  depends  on  the  stoichiometry  of  the  reagents  and  the  reaction  conditions. 
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Hydrolysis  of  PF4"  with  Equimolar  Amounts  of  Water.  The  hydrolysis  of  PF4- 
with  an  equimolar  amount  of  water  in  CH3CN  solution  at  ambient  temperature  proceeds 
rapidly  and  almost  quantitatively  according  to  Equation  (1). 

2PF„-  +  2H;0  .  C^N HPOsF-  +  HPF5-  +  2HF  (1) 

This  result  was  confirmed  by  multinuclear  NMR  spectroscopy. 

The  31P  NMR  spectrum  of  a  sample  containing  equimolar  quantities  of  N(CH3)4PF4 
and  H2O  (oxygen  isotopic  composition:  160,  35.4%;  170,  21.9%,  180, 42.7%)  in  CH3CN 

at  -45°C  is  shown  in  Figure  la  and  reveals  five  resonances.  Three  of  these  resonances,  A,C, 
and  D,  are  assigned  to  the  POF2”,5  HPC^F-,7'9  and  HPF5-,10~15  anions,  respectively,  and 

their  NMR  data  are  collected  in  Table  1.  The  weak  quartet  at  high  frequency,  B,  is  assigned 
to  PF3  [8  =  103.5  ppm;  *J(**P-WF)  =  1401  Hz]  by  comparison  with  the  literature  data26.  A 
very  weak  multiplet,  E,  was  also  observed  overlapping  with  the  HPF5“  resonance.  Since  the 

resonance  occurs  in  the  hexacoordinate  P(V)  region  of  the  spectrum,  it  is  tentatively  assigned 
to  the  [HPF4(OH)]“  anion  which  is  a  proposed  intermediate  in  the  hydrolysis  reaction  (see 
below).  Although  the  HPOjF”  and  POF2"  anions  had  been  reported  previously,7'15  prior  to 

the  present  study  these  anions  had  not  been  fully  characterized  in  solution  by  multi-NMR 
spectroscopy.  The  formation  of  17*180-enriched  HPC^F"  and  POF2-  in  our  studies  has 

allowed  unequivocal  identification  of  these  two  anions  by  the  observation  of  the  170  NMR 
spectra  as  well  as  the  16»180  induced  secondary  isotopic  shifts  in  the  31P  NMR  spectra  (see 
below).  The  small  amount  of  POF^"  observed  in  the  spectrum  was  present  as  an  impurity  in 
the  N(CH3)4PF4  starting  material  used  to  prepare  the  NMR  sample  and  was  not  generated 
by  the  hydrolysis  as  shown  by  the  17  0  NMR  spectrum  at  -36°C.  This  spectrum  displayed 
only  a  broad  doublet  (AV 1/2  =  76  Hz)  due  to  HPC^F"  and  no  resonance  ascribable  to 
POF2". 
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When  the  31P  NMR  spectrum  was  recorded  at  30°C,  the  hydrolysis  had  gone  to 
completion  and  all  the  PFj  had  disappeared  (Figure  lb).  The  31P,  19F  and  t70  NMR  data 
for  the  observed  species  arc  also  given  in  Table  1.  The  resonance  due  to  POF2"  had  become 
somewhat  more  intense  and  now  displayed  17  0  satellites,  thereby  indicating  a  small  amount 
of  side  reaction  in  which  POF2”  was  produced.  Each  component  of  the  doublet  of  doublets 
(resonance  C  and  Figure  lc)  arising  from  HPO2F"  was  now  resolved  into  three  lines  which 
correspond  to  the  16,180  induced  secondary  isotopic  shifts  for  the  three  isotopomers 
HP1602F-,  HP160,80F"  and  HP^F-.  The  isotopic  shift  1A31P(18'160)  was  measured 
as  -0.0358  ±  0.0008  ppm.  The  observation  of  these  three  isotopomers  proves  that  the  anion 
has  two  oxygen  atoms  bonded  to  phosphorus.  In  addition,  each  component  displayed  well 
resolved,  equal-intensity  sextet  satellites  resulting  from  coupling  of  31P  to 17  O  (I  =  5/2).  The 
170  satellites  are  well-resolved  at  30°C  owing  to  the  slower  rate  of  quadrupolar  relaxation  of 
the 17  O  nucleus  at  higher  temperatures.  The  spectrum  also  reveals  that  the  weak  multiples  E, 
which  was  partially  obscured  by  the  intense  HPF5”  multiplet  at  -36°C  has  disappeared  on 
warming,  thereby  indicating  that  it  might  have  arisen  from  the  proposed  [HPF4(OH)]~ 
intermediate  (see  below).  The  17  O  NMR  spectrum  (Figure  2)  of  the  same  sample  at  30°C 
shows  two  resonances:  an  intense  doublet,  B,  assigned  to  HPO^F”  and  a  weaker  doublet,  A, 
assigned  to  POF2“.  Each  component  of  the  doublet  resonance  of  HPC^F”  is  further  split 
into  an  overlapping  doublet  of  doublets  (Figure  2)  by  the  two-bond  couplings  to  *H  and  19F 
[2KnO-'H)  -  12  Hz;  2J(170-19F)  -  12  Hz]. 

The  19F  NMR  spectrum  at  30°C  of  a  sample  containing  equimolar  quantities  of 
N(CH3)4PF4  and  17,180-enriched  H20  in  CH3CN  (Figure  3)  reveals  a  doublet  of  doublets, 
A,  arising  from  HPC^F",  as  well  as  the  resonances  B  and  C  attributable  to  the  axial  and 
equatorial  fluorine  ligand  environments,  respectively,  of  HPF5“.  Under  high  resolution, 
each  component  of  the  HPC^F”  resonance  is  found  to  comprise  three  lines  corresponding  to 
the  three  isotopomers  HP^C^F"  ,  HP160180F“  and  HP1802F".  The  two-bond  isotopic 
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shift,  2A19F(18/160),  was  measured  as  -0.0125  ±  0.0004  ppm  and,  to  the  best  of  our 
knowledge,  is  the  first  experimentally  determined  2A19F(18'160)  value.  In  addition,  a  broad 
unresolved  hump  is  visible  at  the  base  of  each  component  of  the  HPC^F*  multiplet  which 
results  from  the  two-bond  coupling  of  19F  to  170  in  the  HP160170F"  and  HP180170F“ 
isotopomers.  Attempts  to  observe  the  19F  resonance  of  the  intermediate  species  HPF^OH)- 

were  unsuccessful  owing  to  the  difficulty  in  mixing  the  reagents  and  moderating  the  vigor  of 
the  hydrolysis  reaction  at  -45°C  in  a  4- mm  FEP  NMR  tube. 

Hydrolysis  of  PF4"  with  an  Excess  of  Water.  If  a  large  excess  of  water  is  used  in  the 
hydrolysis  of  PF4~  in  CHjCN  solution,  the  originally  formed  HPF5-  also  undergoes  slow 
hydrolysis  and  HPC^F”  becomes  the  sole  product,  as  shown  in  Equation  (2). 

CH3CN 

PF4-  +  2  H20  --2-;c— ►  HPOzF-  +  3HF  (2) 

The  slow  hydrolysis  of  HPF5“  to  HPC^F"  was  verified  by  hydrolysing  a 
sample  of  HPFs”  with  excess  water,  as  shown  in  Equation  (3).  After  16  hours  at  room 


CH3CN 

HPF5-  +  2  H20 - 2Q.C  ►  HPO2F-  +  4HF  (3) 

temperature  most  of  the  HPFj“  had  been  converted  to  HPC^F". 

Hydrolysis  of  N(CHT)4PF4  in  the  Presence  of  N(CH7)4F  in  CH?CN.  If  the 
hydrolysis  of  PF4-  with  an  equimolar  amount  of  water  is  carried  out  in  the  presence  of  an 
excellent  HF  scavenger,  such  as  the  fluoride  anion,  the  products  are  different,  and  POF2"  is 
formed  in  high  yield,  as  shown  in  Equation  (4). 

CH3CN 

PF4-  +  H20  +  2F- - 20<c  ►  POF2-  +  2HF2-  (4) 
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Reaction  (4)  is  of  particular  interest  since  it  provided,  for  the  first  time,  a  stable  salt  of  the 
POF2”  anion  which  previously  had  been  observed  only  by  either  ion  cyclotron  resonance 

spectroscopy6  or  NMR  spectroscopy  at  temperatures  below  -50°C  during  the  deprotonation 
of  HPOF2  using  [Ir(CO)H(PPh3)3].5 

The  S1P  NMR  spectrum  of  a  sample  of  N(CH3)4PF4  at  -45°C  in  CH3CN,  containing 
a  2.6  molar  excess  of  N(CH3)4F  and  an  equimolar  quantity  of  17,l8o-enriched  H2O,  is 
shown  in  Figure  4.  It  reveals  three  resonances,  A,B,  and  C,  attributable  to  POF2-,5  PF4~, 4 
and  HPF5",10*15  respectively.  The  HPF5-  was  present  as  an  impurity  in  the  N(CH3)4PF4 
starting  material  and  did  not  arise  from  the  hydrolysis.  The  triplet  A  due  to  POF2~  was 
significantly  more  intense  than  that  in  the  sample  of  N(CH3)4PF4  in  CH3CN  alone; 

furthermore  the  resonance  exhibited  a  small  "doublet"  splitting  due  to  the  16-180  secondary 
isotopic  shift,  thereby  providing  conclusive  proof  that  most  of  the  POF2“  had  arisen  from  the 
hydrolysis  of  N(CH3)4PF4  with  the  17*180-enriched  H20.  On  warming  the  sample  to 
-10°C,  the  amount  of  POF2”  increased  further  and,  after  warming  to  room  temperature, 
complete  hydrolysis  of  PF4"  to  POF2-  had  taken  place  with  the  N(CH3)4F  complexing  the 
HF. 


The  31P  NMR  spectrum  of  the  sample  at  30°C  (Figure  5)  shows  two  triplets  [lJ(31P- 
l9F)  =  1183  Hz]  ascribed  to  the  two  isotopomers  P16OF2-  and  P180F2~[1A31P(18*160)  = 

-0.0689  ±  0.0010  ppm].  The  observation  of  these  two  isotopomers  demonstrates  that  the 
phosphorus  is  only  bonded  to  one  oxygen  atom  and  identifies  the  POF2-  anion.  In  addition, 

each  component  of  the  triplet  is  flanked  by  equal-intensity  sextet  satellites  arising  from 
coupling  to  170.  These  satellites  are  highly  resolved  and  demonstrate  that  there  is  a 
fortuitously  small  electric  field  gradient  at  the  17  O  nucleus  and  consequently  the  quadrupolar 
relaxation  of  the  170  nucleus  is  very  slow.  Correspondingly,  the  17 O  NMR  spectrum 
(Figure  6)  displays  a  very  sharp  doublet.  A,  (Av1/2  =  5  Hz)  due  to  the  P17OF2_  anion.  A 
weak  resonance,  B,  attributable  to  the  HPO2F-  anion  was  also  observed.  The  19F  NMR 
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spectrum  at  30°C  reveals  two  sharp  doublets  arising  from  POF2~  (Table  1)  and  HF2~  (8  = 
« 

-144.5  ppm;  1  J(19F-  1H)  ■  122  Hz)27,  as  well  as  some  weak  signals  attributable  to 
HPF5- 10-15 


It  should  be  pointed  out  that  some  of  the  NMR  parameters  of  HP02F“  and  POF2* 
exhibit  a  pronounced  temperature  and  fluoride  ion  concentration  dependence  which  accounts 
for  the  variances  (see  Table  1  and  Figures  2  and  6)  observed  in  some  of  the  spectra. 


Proposed  Reaction  Mechanism.  The  formation  of  the  observed  products  can  be 
rationalized  by  the  following  mechanism,  (i)  Pentacoordinated  phosphorus  compounds  are 
thermodynamically  less  favorable  than  tetra-  or  hexa-coordinated  compounds. 
Consequendy,  they  exhibit  a  pronounced  tendency  to  either  dismutate  to  tetra-  and  hexa- 
coordinated  compounds  or  add  an  extra  molecule,  such  as  HF  or  H20,  to  achieve 

hexacoordination.  A  typical  example  for  the  latter  type  of  reaction  is  the  addition  of  HF  to 
pentacoordinated  PF4-,  counting  the  sterically  active  free  valence  electron  pair  on 
phosphorus  in  PF4-  as  a  ligand,  to  give  hexacoordinated  HPF5“.  *5,16  Similarly,  it  is  very 
probable,  and  there  is  evidence  for  it  in  our  31P  NMR  spectra  (see  above),  that  PF4"  adds 
one  molecule  of  water  to  form  an  intermediate  [HPF4(OH)]~  anion  which,  in  the  absence  of 
more  information,  is  written  here  as  the  cw-isomer. 


(ii)  The  resulting  unstable  [HPF4(OH)]“  anion  could  undergo  a  facile  intramolecular  HF 

v 

elimination  to  give  a  trigonal  bipyramidal  HPOF3“  anion  which,  by  analogy  to  the  closely 
related  POF4"  anion,  28*29  then  could  undergo  dismutation  to  a  tetrahedral  dioxo  and  an 
octahedral  oxygen-free  anion. 
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The  slower  hydrolysis  of  HPF5"  with  excess  water  probably  involves  the  same  mechanism 
with  the  required  PF4“  starting  material  being  generated  from  HPF5-  by  HF  loss.  The  facts 
that  the 

PF4"  +  HF  ^  HPF5" 

equilibrium  lies  far  to  the  right  and  half  a  mole  of  HPF5-  is  being  regenerated  during  the 

hydrolysis,  thus  requiring  many  hydrolysis  cycles  in  order  to  achieve  a  high  conversion  of 
HPFs~  to  HPC^F",  could  explain  the  slowness  of  the  HPF5-  hydrolysis. 

The  exclusive  formation  of  POF2-  as  the  hydrolysis  product  of  PF4“  in  the  presence 

of  an  HF  scavenger  can  also  be  explained  by  the  same  mechanism,  i.e.,  the  formation  of 
HPOF3-  as  an  intermediate.  However,  instead  of  dismutating  to  HPO2F"  and  HPF5-,  this 
anion  could  undergo  a  faster  F*  promoted  HF  elimination  to  POF2~. 
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It  should  be  emphasized  that  in  all  of  the  above  dismutation  reactions,  the  phosphorus 
central  atom  maintains  the  same  formal  oxidation  state;  i.e.,  in  the  case  of  PF4“  as  the  starting 

material,  all  intermediates  and  products  are  phosphorus  (+III)  compounds  and,  therefore, 
derivatives  of  fluorophosphorous  acids. 

Methanolvsis  of  PF4".  The  methanolysis  of  PF4“  in  CH3OH  solution  was  also 

studied  by  NMR  spectroscopy.  At  -40°C,  the  main  reaction  product  was 
PF2(OCH3)26.30,31[31P:  triplet  [V’p-^F)  =  1286  Hz]  of  quartets  fj^P-’H)  =  8.2  Hz] 

at  8  =  113.2],  while  after  a  brief  warming  to  room  temperature,  PF(OCH3)230[31P:  doublet 
[1J(31P-19F)  -  1202  Hz]  of  septets  [3j(31pJH)  =  10  Hz]  at  8=132.9]  became  also  a  major 
product. 

PF„-  +  CHjOH  -  PF2(OCH3)  +  HF2-  (5) 

PF2(OCH,)  +  CHjOH  PFtOCHjfe  +  HF  (6) 

In  addition  to  these  two  phosphorous  acid  methylesters,  a  small  amount  of  a  phosphorus 
(+V)  by-product  was  observed  which  is  attributed  to  OPF(OCH3)2  [31P:  doublet  [^(^P- 
19F)  =  712  Hz]  of  septets  [3j(31pJH)  =  12  Hz]  at  8  =  13.6]  which  could  arise  from 
methanolysis  of  PF3O. 

Ab  Initio  Calculations  and  Vibrational  Spectra.  Since  the  HPC^F"  and  POF2"  anions 
had  previously  been  only  partially  characterized,  it  was  of  interest  to  analyze  their  vibrational 
spectra  (Figures  7  and  8  and  Tables  4  and  5)  and  force  fields  with  the  help  of  ab  initio 
calculations  (Tables  2-10).  For  comparison,  the  geometries  and  vibrational  spectra  of  the 
isoelectronic  sulfur  compounds,  HSC^F  and  SOF2  were  also  calculated.  Since  the  known 
SOF2  molecule  has  been  well  characterized,32*34  its  experimental  data  can  be  used  to  test  the 
quality  of  our  calculations  which  were  done  at  the  local  density  functional  (LDFT),  non-local 


12 


density  functional  (NLDFT/TZVP),  and  Hartree  Fock  (HF/DZP+)  levels  of  theory.  As  can 
be  seen  from  Table  3,  the  HF/DZP+  calculation  predicts  best  the  experimental  geometry  of 
SOF232  and  the  resulting  bond  lengths  are  slighdy  shorter  than  the  experimentally  observed 

ones.  As  expected,  the  density  functional  theory  calculations  can  predict  well  the  bond 
angles,  but  the  resulting  bond  lengths  are  about  0.05A  longer  than  the  experimentally 
observed  ones.  Another  test  for  the  quality  of  our  calculations  is  a  comparison  of  the 
calculated  and  observed  vibrational  frequencies.  As  can  be  seen  from  Tables  4  and  5,  the 
LDFT  frequencies,  after  appropriate  scaling  to  compensate  for  the  overestimation  of  the  bond 
lengths,  yield  the  best  prediction  of  the  experimentally  observed  values  and  establish  their 
assignments.  The  calculated  force  fields  and  potential  energy  distributions  are  given  in 
Tables  6-9.  The  valence  force  constants  are  summarized  in  Table  10  and  show  that  within 
the  XOF2  series,  SOF2  exhibits  the  strongest  bonds  and  that  the  bonds  in  HXC^F  are 
stronger  than  those  in  the  corresponding  XOF2  species  which  is  in  line  with  the  calculated 
bond  lengths. 

The  successful  synthesis  of  a  stable  POF2“  salt  is  in  accord  with  the  well  known 
stabilities  of  the  isoelectronic  species  SOF2,  PF3,  SC^F",  and  SF3+  all  of  which  possess  26 
valence  electrons  and  with  a  previous  value  of  56±4  kcal/mol  for  the  F"  affinity  of  POF, 
determined  by  ion  cyclotron  resonance  spectroscopy.6  The  relative  F"  affinities  of  the 
various  phosphorus  species  involved  in  the  present  study  (7a)  were  obtained  by  subtracting 
the  experimentally  known6  value  of  42.6  kcal/mol  for  (7b)  from  the  reaction  enthalpies,  AH, 
of  7(c)  which  were  calculated  from  the  total  energies  of  their  components  using  the  DZP+ 
basis  set.  The  results  are  summarized  in  Table  11  and  agree  well  with  the  available 
experimental  data.6.  Table  1 1  shows  that  all  these  molecules  possess  sufficiently  high  F“ 
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(7a) 


A  +  F"  - >-AF“ 

42.6  kcal/mol 

coFj"  — —  Vcof2  +  f~ 
A  +  COF3-  — ^  >AF  +  COF2 


(7b) 

(7c) 


all  these  molecules  possess  sufficiently  high  F”  affinities  for  the  formation  of  stable  salts  and 
that  FPO  and  HPO2  are  stronger  Lewis  acid  than  either  PF3,  HF,  POF3,  or  SO2  (F“  affinity 
of  SO2  =  44  kcal/mol)6. 


The  reaction  enthalpies  of  the  hydrolysis  reactions  of  HPFs~  and  of  PF4-  with  either 
equimolar  amounts  or  excess  of  H20  were  also  estimated  from  the  heats  of  formation  of  the 
gaseous  species  calculated  with  the  DZP+  basis  set.  As  can  be  seen  from  the  Bom  Haber 
cycle  (8),  the  calculated  values  for  the  two  paths  are  practically  identical,  thus  demonstrating 


2PF4‘  +  2H20 


-28.1  kcal/mol 


HPOzF”  +  HPF5“  +  2HF 


2HP02F‘  +  6HF 


(8) 


the  consistency  of  these  calculations.  The  endothermicity  of  the  hydrolysis  of  HPF5-  is 
also  in  accord  with  the  experimentally  observed  slowness  of  this  reaction. 
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FIGURE  CAPTIONS 


Figure  1.  31P  NMR  spectrum  (202.459  MHz)  of  a  sample  containing  equimolar  quantities 
of  N(CH3)4PF4  and  H2O  (oxygen  isotopic  composition:  1S0,35.4%;  170, 
21.9%;  18 O,  42.7%)  in  CH3CN.  (a)  At  -45°C:  (A)  POF2“;  (B)  PF3;  (C) 
HPO2F- ;  (D)  HPF5-;  (E)  [HPF4(OH)]“?  (b)  same  region  at  30°C;  (c)  at  30°C: 
expansion  of  HPC^F-  multiplet  revealing  16>180  isotope  shifts  arising  from  the 
HP1602F“,  HP18 0 18  OF-  and  HP1802F“  isotopomers.  The  equal-intensity 

sextet  satellites  at  the  bases  of  the  four  main  components  of  the  multiplet  arise 
from  coupling  to  170  in  the  HP160170F“  and  HP170180F“  isotopomers. 

Figure  2.  170  NMR  spectrum  (67.801  MHz)  of  the  same  sample  as  in  Figure  1  at  30°C. 

(A)  POF2“;  (B)  HPO2F-.  Insert  shows  a  resolution  enhanced  expansion  of  the 
HPO2F-  multiplet  and  displays  the  fine  structure  arising  from  the  2J(170-1H)  and 
2j(170-19F)  couplings  which  have  similar  magnitudes  (=12  Hz). 

Figure  3.  19F  NMR  spectrum  (470.599  MHz)  of  the  same  sample  as  in  Figure  1  at  30°C. 

(A)  HPO2F” ;  (B)  Ftq  HPF5-  (C)  FiX  HPF5~.  Expansion  displays  two-bond 
16,18o  isotope  shifts  arising  from  the  HP^C^F",  HP160180F"  and  HP^C^F- 
isotopomers. 

Figure  4.  31P  NMR  spectrum  (202.459  MHz)  of  a  sample  containing  equimolar  quantities 
of  N(CH3)4PF4  and  H20  (oxygen  isotopic  composition:  160,  35.4%;  170, 
21.9%;  180,  42.7%)  and  a  2.6  molar  excess  N(CH3)4F  in  CH3CN  at  -45°C. 
(A)  POF2“;  (B)PF4-  (C)HPF5- 

Figure  5.  31P  NMR  spectrum  (202.459  MHz)  of  the  same  sample  as  in  Figure  4  at  30°C. 

Expansion  of  POF2“  multiplet  revealing  16-180  isotope  shifts  arising  from  the 
P16OF2“  and  P18OF2”  isotopomers.  The  equal-intensity  sextet  satellites  at  the 
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bases  of  the  three  main  components  of  the  multiplet  arise  from  coupling  to  170  in 
the  P^OFj". 

Figure  6.  17 0  NMR  spectrum  (67.801  MHz)  of  the  same  sample  as  in  Figure  4  at  30°C  . 
A  (POF2“);  BCHPC^F-). 

Figure  7.  Infrared  spectrum  of  solid  N(CH3)4HP02F  recorded  as  an  AgBr  disk  at  room 
temperature.  The  bands  marked  by  an  asterisk  are  due  to  N(CH3)4+  and  then- 

assignments  have  previously  been  discussed  in  Ref.  17. 

Figure  8.  Infrared  spectrum  of  solid  N(CH3)4POF2  recorded  as  an  AgBr  disk  at  room 
temperature.  The  bands  marked  by  an  asterisk  are  due  to  N(CH3)4+. 


20 


(ppm  from  H3P04) 


I 

I 

I 


o 

C\J 


o 

CO 


o 

CO 


o 

o 

C\J 


1000  Hz 


(ppm  from  H3P04) 


1 000  Hz 


220  210  200  190  180  170  160  150  140 

8i?n  (ppm  from  H20) 


FREQUENCY  (cm" 


TRANSMIT!  ANCE 


FREQUENCY  (cm-1) 


332 


Table  1.  NMR  Parameters  for  the  HPF5",  HP02F"  and  POF2“  Anions  Produced  in  the 
Hydrolysis  of  N(CHa)4PF4 


Table  2.  Calculated  Geometries  of  HPC^F-  and  HSO2F 


Table  3.  Calculated  and  Experimental  (geometries  for  the  Isoelectronic  Series 
POF2“,  SOF2,  and  C!OF2+ 


Table  4.  Vibrational  Frequencies  of  HPO2F"  and  HSO2F 
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Table  5.  Vibrational  Spectra  of  Isoeleetronic  POF2”,  SOF2,  and  CIOF2 
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Table  6.  Scaled  LDFT  Force  Fields*  for  HP02F“  and  HSQ2F 


a)  Stretching  constants  in  mdyn/A,  deformation  constants  in  mdyn  A/rad2,  and  stretch-bend  interaction  constants  in  mdyn/rad. 
The  following  scaling  factors  were  used:  Stretching  force  constants,  (1.039)2;  deformation  constants,  (1.121)2;  stretch-bend 
interaction  constants,  1.039  x  1.121. 


Table  7.  Scaled*  LDFT  Force  Fields  for  POF2”,  SOF2,  and  CIOF2 


and  stretch-bend  interaction  constants,  respectively. 


Table  8.  Potential  Energy  Distributions  for  HPO2F"  and  HSO2I 


Table  9.  Potential  Energy  Distributions  for  POF2-,  SOF2,  and  CIOF2 


Table  10.  Valence  Force  Constants  (mdyn/A)  of  POF2“,  SOF2,  C»OF2+,  HPQ2F^,  and  HSQ2F 


Table  11.  Calculated  and  Experimental  F”  Affinities  of  Various  Phosphorus  Fluorides  and  HF 
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Appendix  Y 


ON  THE  INSTABILITY  OF  SALTS  CONTAINING  THE 

TRIFLUORIDE  ANION 


Karl  0.  Christe 

Rocketdyne  Division  of  Rockwell  International  Corporation,  Canoga  Park,  CA  91309  (USA) 

ABSTRACT 

Elemental  fluorine  does  not  form  a  stable  N(CFI3)4+F3-  salt  with  solutions  of 
N(CH3)4F  in  either  CH3CN  at  -31°C  or  CHF3  at  -142°C. 

The  trifluoride  anion,  F3“,  has  been  the  subject  of  numerous  theoretical  calculations  [1-4] 
ranging  from  SCF  (Self  Consistent  Field)  to  CCSDT  (Coupled  Cluster  Single  Double 
Triple).  The  most  sophisticated  methods  [3]  duplicated  well  the  vibrational  frequencies 
which  were  observed  [5]  by  Ault  and  Andrews  for  the  Cs+F3~  and  Rb+F3~  ion  pairs  in 
argon  matrices  at  15K.  The  best  estimates  for  the  stability  of  F3“  indicate  that  F3“  is 
thermodynamically  more  stable  than  (F2  +  F“)  by  about  1 10  kJ  mol-1  [3].  This  value  is 
comparable  to  those  found  for  Br3~  (Do  =  105kJ  mol-1)  and  I3~  (Do  =  109kJ 
mol-1)  and  larger  than  that  of  Cl3-  (D0=75kJ  mol-1).  Since  the  Cl3-,  Br3-  and  I3-  anions 
are  all  well  known,  both  in  solution  and  in  the  solid  state,  and  anhydrous  N(CH3)4F 

provides  a  source  of  soluble  fluoride  anions  in  the  presence  of  a  large  and  oxidizer  resistant 
cation  [6],  it  was  interesting  to  examine  whether  N(CH3)4+F3"  can  be  prepared  on  a 

macroscopic  scale  using  experimental  techniques  which  recently  provided  novel  anions  such 
as  XeF5"  [7],  IOF6"  [8],  TeOFg2-  [9],  PF4"  [10]  or  C1F6-  [11], 

The  possibility  of  preparing  N(CH3)4+F3-  was  examined  by  pressurizing  solutions  of 
N(CH3)4+F-  with  up  to  five  hundred  torr  of  F2  in  either  CH3CN  at  -31°C  or  CHF3  at 
-142°C  (Caution!  These  experiments  are  potentially  hazardous  and  appropriate  safety 
precautions  must  be  used  at  all  times).  The  resulting  mixtures  were  gently  agitated  for  about 
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two  hours,  followed  by  removal  of  all  material,  volatile  at  these  low  temperatures,  in  a 
dynamic  vacuum.  The  solid  residues  were  then  allowed  to  warm  in  the  closed  Teflon-FEP 
reaction  vessels  to  room  temperature.  No  fluorine  evolution  was  observed  during  these 
warm-up  steps.  The  nonvolatile  residues  were  characterized  by  the  observed  material 
balances  and  vibrational  spectra.  In  the  case  of  the  CHF3  solution,  the  low-temperature 
product  was  the  known  [6]  N(CH3)4+F-.nCHF3  adduct  which  decomposed  at  higher 
temperature  to  N(CH3)4F  and  CHF3.  In  the  case  of  the  CH3CN  solution,  the  solid  product 
was  N(CH3)4+HF2“  formed  by  slow  attack  of  the  solvent  by  both  F2  and  F“  [12],  The 

absence  of  an  oxidizing  species  in  the  solid  products  was  also  demonstrated  by  their  inability 
to  liberate  iodine  from  aqueous  KI  solutions. 

These  results  demonstrate  that,  in  spite  of  the  large  and  strongly  stabilizing  N(CH3)4+ 
counter  ion,  F2  does  not  form  a  stable  F3“  salt  with  N(CH3)4+F-  in  either  CH3CN  or  CHF3 
solutions  at  low  temperatures.  The  failure  of  F3"  formation  under  the  above  conditions,  in 
spite  of  the  bond  energy  of  F2  and  the  dissociation  energy  of  F3“  being  comparable  to  those 
of  I2  and  I3  ,  respectively,  is  surprising  and  might  be  attributed  to  the  high  solvation 
energies  of  F“  in  highly  polar  solvents,  such  as  CHF3  or  CH3CN.  Reactions  between 
N(CH3)4F  and  F2  in  the  absence  of  a  solvent  were  not  studied  due  to  the  experimental 
difficulties  expected  for  controlling  the  reaction. 


The  author  thanks  the  U.S.  Army  Research  Office  and  the  U.S.  Air  Force  Phillips 
Laboratory  for  financial  support  of  this  work. 
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Abstract 

Ab  initio  molecular  orbital  and  density  functional  theory  calculations 
show  that  azidamines,  a  new  family  of  polynitrogen  compounds,  are  minima  on 
their  respective  potential  energy  surfaces.  The  geometries,  vibrational 
frequencies,  and  heats  of  formation  are  predicted  for  N(N3)3,  HN(N3)2,  the 
N(N3)2  anion,  and  the  N(N3)4+  cation.  All  of  these  compounds  are  highly 
energetic  materials  with  large  positive  heats  of  formation.  The  results  suggest 
that  these  polynitrogen  compounds  could  be  synthetically  accessible,  and 
potential  methods  for  their  syntheses  are  proposed. 

Introduction 

The  recent  discovery  of  new  allotropic  forms  of  carbon  and  the  rich 
and  fascinating  chemistry  that  it  has  produced,  has  also  stimulated  a  renewed 
search  for  new  allotropic  forms  of  nitrogen.4'17  Although  nitrogen  and  the  CH 
group  are  pseudoelements18  and  numerous  stable  (CHn)  compounds,  such  as 
benzene,  or  polyacetylene  are  well  known,  the  analogous  polynitrogen 
compounds,  Nn,  where  n  exceeds  3,  have  so  far  not  been  prepared.  The  main 
reasons  for  this  difference  are  the  relative  energies  of  their  triple,  double  and 
single  bonds.  For  nitrogen,  the  average  thermochemical  bond  energy  of  the 
triple  bond  (946  kJ  mol'1)  is  368  kJ  mol'1  larger  than  the  sum  of  a  double  (418 
kJ  mol :)  and  a  single  (160  kJ  mol'1)  bond.19  Thus,  dinitrogen,  N2,  is  by  far  the 
most  stable  polynitrogen  compound.  For  carbon  the  situation  is  reversed.  The 


1 


bond  energy  of  a  triple  bond  (813  kJ  mol'1)  is  141  kJ  mol'1  smaller  than  the  sum 
of  a  double  (598  kJ  mol'1)  and  a  single  (356  kJ  mol'1)  bond.19  Thus,  acetylene, 
(CH)2,  is  thermodynamically  unstable  with  respect  to  its  higher  homologues. 

In  view  of  the  above  energetic  considerations,  it  is  not  surprising  that 
the  polynitrogen  compounds  with  n  >2  are  highly  energetic  and  thus,  are  of 
interest  for  halogen-free  high  energy  density  materials  (HEDM).  The  obvious 
challenge  to  their  use  is  their  thermodynamic  instability  which  renders  their 
syntheses  and  handling  very  difficult.  Most  publications  dealing  with 
polynitrogen  compounds  have  been  limited  to  theoretical  predictions  of  their 
behavior,  and  experimental  studies,  such  as  the  one  by  Vogler,20  are  rare. 
Previously  calculated,  but  presently  still  unknown  polynitrogen  (n  >3) 
compounds  include  N4,5  N4+, 13-17  N5-,9  N6, 5-7,9  N8, 5,6,12  N12,10  and  N20.8, 10,11 
Most  of  these  compounds  are  cyclic  or  polycyclic  and,  hence,  would  require 
synthetically  very  difficult  ring  closing  methods.  In  order  to  avoid  this  difficulty, 
we  are  searching  for  stable  polynitrogen  structures  which  would  be  more 
amenable  to  an  actual  synthesis.  As  an  aid  to  the  synthetic  chemist,  we  have 
calculated  energies,  stabilities,  and  vibrational  spectra  of  a  set  of  polynitrogen 
compounds,  the  azidamines. 

Computational  Methods 

Ab  initio  molecular  orbital  (MO)  calculations  were  carried  out  by  using 
the  Gaussian  92  programs.21  RHF/6-31G*  and  MP2/6-31G*  geometry 
optimizations  were  performed  for  all  species;  additonal  calculations  with  the  6- 
31 G*  set  augmented  with  diffuse  functions  (RHF/6-31+G*)  were  performed  for 
the  anion.  The  density  functional  theory22  calculations  were  done  with  the 
program  DGauss23,  which  employs  Gaussian  basis  sets  on  a  Cray  YMP 
computer.  The  basis  sets  for  N  and  H  are  triple  zeta  in  the  valence  space  aug¬ 
mented  with  a  set  of  polarization  functions  (TZVP)  with  the  form  (71 11/411/1)  for 
N  and  (31 1/1)  for  H.24  The  auxiliary  fitting  basis  set  for  the  electron  density  and 
the  exchange-correlation  potential  has  the  form  [8/4/4]  for  N  and  [4/1]  for  H.  The 
calculations  were  done  at  the  self-consistent  gradient-corrected  (non-local) 
level  (NLDFT)  with  the  non-local  exchange  potential  of  Becke25  together  with 
the  non-local  correlation  functional  of  Perdew26  (BP).  The  local  potential  of 
Vosko,  Wilk  and  Nusair27  was  used.  Geometries  were  optimized  by  using 
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analytical  gradients.23  Second  derivatives  were  calculated  by  numerical 
differentiation  of  the  analytic  first  derivatives.  A  2-point  method  with  a  finite 
difference  of  0.01  a.u.  was  used. 

N(N3)2‘ 


The  MO  electronic  structure  calculations  for  N(N3)2'  were  carried  out 
in  both  C2  and  Cs  symmetries.  The  dinitramide28  analogue  structure,  A, of  Cs 

N  ‘  ~ 

N(—  \  ) 

N  2 

A 

symmetry  was  not  vibrationally  stable,  exhibiting  two  imaginary  vibrational 
frequencies  at  the  RHF/6-31G*  level  of  theory.  This  is  in  accord  with  our 
inability  to  find  a  satisfactory  electronic  structure  which  possesses  8  valence 
electrons  on  each  nitrogen  atom.  In  contrast,  the  open  chain,  diazidamide 
structure,  (N3-N-N3)',  was  a  minimum  at  the  RHF/6-31G*  level  and  exhibited  all- 
real  frequencies.  Additional  calculations  including  diffuse  functions  (RHF/6- 
31+G‘)  and  electron  correlation  (MP2/6-31G*)  ,  also  yielded  true  minima  on  the 
potential  energy  surface  (PES).  The  results  are  given  in  Tables  1  and  2,  and 
the  stable  C2  conformation  is  shown  in  Figure  1 .  At  the  MP2/6-31 +G*  correlated 
level  of  theory,  the  central  N1-N2  bond  distance  (1.44  A)  is  only  slightly  longer 
than  that  of  1.38  A  previously  reported  for  the  dinitramide  anion,  N(N02)2'.28 
Other  known  compounds  of  nitrogen  exhibit  even  larger  N-N  bond  lengths: 
N203  (1.86  A),29  N204  (1.78  A)30  and  N2H4  (1.45  A).29  The  N2-N3  and  N3-N4 
bond  lengths  are  typical  of  those  found  in  other  covalent  azides  such  as 
hydrogen  azide  and  the  halogen  azides.29’31'35  The  longest  and  weakest 
bonds  in  N(N3)2~  are  the  central  N1-N2  bonds  whose  lengths  are  comparable  to 
those  in  N2H429  and  N(N02)2'.28  Typically,  N-N  single  bond  strengths  are  150- 
180  kJ/mol.  As  shown  below,  our  calculations  give  a  much  smaller  value  for  the 
activation  barrier  for  N2  elimination,  suggesting  that  N2  elimination,  rather  than 
cleavage  of  the  N-N  single  bond,  is  the  lowest  energy  decomposition  path.  The 
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central  bond  angle,  0(2  12),  of  101°  is  consistent  with  a  simple  valence  bond 
model  with  sp3  hybridization  on  the  central  nitrogen  atom  involving  two  ligands 
and  two  more  repulsive,  sterically  active,  free  valence  electron  pairs.  These 
free  electron  pairs  are  more  repulsive  than  the  two  N1-N2  bonds  which  is 
consistent  with  the  N2'-N1-N2  bond  angle  being  somewhat  smaller  than  the 
ideal  tetrahedral  angle  of  109.5°. 

Because  of  the  bonding  patterns  in  these  molecules  there  is  the 
possibility  that  even  at  the  MP2  level,  we  are  not  providing  an  adequate 
description  of  the  wavefunction.  In  order  to  test  whether  this  level  is  providing 
an  adequate  treatment,  we  used  density  functional  theory  which  we  have 
shown  is  a  good  method  to  use  in  the  prediction  of  geometries  and  energies  for 
structures  that  are  often  difficult  to  treat  with  traditional  ab  initio  MO  methods  36 
These  results  are  also  shown  in  Table  1  for  the  geometry  parameters  and  in 
table  2  for  the  frequencies.  The  predicted  geometry  is  quite  sensitive  to  the 
level  of  theory,  as  the  RHF/6-31G*  and  NDLFJ7TZVP  calculations  give  a  C2v 
structure,  whereas  the  RHF/6-31+G*  and  MP2/6-31G*  calculations  give  a  C2 
structure.  Other  than  these  differences,  the  agreement  in  the  predicted 
geometry  parameters  between  the  MP2/6-31+G*  and  NLDFT/TZVP  levels  is 
quite  good  showing  that  the  MO  calculations  are  predicting  reasonable 
structures.  The  frequencies  at  the  best  MO  and  DFT  levels  are  in  qualitative 
agreement.  Usually,  the  MO  frequencies  are  higher  than  the  experimental 
values  whereas  the  DFT  values  are  comparable  or  a  little  low.  Thus  it  is 
surprising  that  the  DFT  frequencies  for  the  weaker  N-N  stretches  are  higher 
than  the  MP2  values.  This  is  consistent  with  the  differences  in  geometry  and 
suggests  that  the  MP2  values  for  the  lower  frequency  N-N  stretches  are 
probably  too  low.  The  lowest  stretching  frequency  is  at  937  cm'1  so  there  are  no 
very  low  frequency  modes  (<250  cm'1)  which  could  lead  to  decomposition. 


Mulliken  and  CHELPG37  charge  distribution  analyses  were  carried 
out  (Table  3)  at  the  MO  level  and  indicate  that  much  of  the  excess  negative 
charge  resides  on  the  central  nitrogen  atom.  The  DFT  Mulliken  charges  show  a 
similar  pattern  but  the  charge  differences  are  smaller.  Based  on  the  calculated 
geometry  and  charge  distributions,  the  structure  and  bonding  in  N(N3)2‘  can  be 
described  as  a  sum  of  the  following  two  resonance  structures.  Of  course,  the 
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charges  derived  from  the  resonance  structures  are  larger  than  the  calculated 
values  because  charge  separation  will  be  minimized  in  the  actual  ion. 
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The  total  valence  electron  density  calculated  at  the  DFT  level  for 
N(N3)2-  in  the  molecular  plane  is  shown  in  Figure  2.  Consistent  with  the 
resonance  structures  shown  above,  there  is  clearly  additional  electron  density 
at  N1  and  N2  with  (very)  approximate  angles  of  120°  with  respect  to  the  N-N 
bonds.  The  additional  density  at  N4  is  parallel  to  the  N-N  bond. '  These  results 
are  consistent  with  the  presence  of  at  least  one  lone  pair  on  N1 ,  N2  and  N4. 

HN(N3)2 


Adding  a  proton  to  N(N3)2*  yields  diazidamine,  HN(N3)2.  Geometry 
optimizations  were  carried  out  at  the  RHF/6-31G*,  MP2/6-31G*  and 
NLDFT/TZVP  levels  of  theory  (Table  4).  The  calculated  second  derivatives  (see 
Table  5)  reveal  a  Cs  structure  (Figure  3a)  that  is  a  minimum  on  the  potential 
energy  surface.  The  lowest  frequency  stretch  at  802  cm"1  is  135  cm*1  below  the 
lowest  energy  stretch  in  N(N3)2'.  The  geometric  parameters  calculated  for 
HN(N3)2  are,  as  expected,  very  similar  to  those  obtained  for  the  N(N3)2*  anion. 
Addition  of  the  proton  leads  to  enhancment  of  the  contribution  of  resonance 
structure  I.  The  charges  at  the  DFT  level  are  shown  in  Table  3.  Protonation  of 
the  anion  actually  leads  to  an  increase  in  the  negative  charge  at  N2  consistent 
with  the  increased  contribution  of  resonance  structure  I.  As  would  be  expected, 
the  charge  on  N3  increases  on  protonation  whereas  the  charges  on  N1  and  N4 
decrease. 


We  also  calculated  a  Ci  structure  obtained  by  twisting  about  the  N1- 
N2  bond  as  shown  in  Figure  3b.  This  structure  is  9.2  kJ/mol  higher  in  energy 


5 


and  except  for  the  torsion  x  (H-N1-N2-N3),  the  geometry  parameters  are 
essentially  unchanged  from  those  of  the  Cs  structure. 

N(N3)3 


The  structure  of  the  triazidamine  molecule  was  investigated  in  a 
similar  manner.  Geometry  optimization  was  first  carried  out  at  the  RHF/6-31G* 
level  of  theory.  Harmonic  frequency  calculations  confirmed  a  vibrationally 
stable  structure  of  C3  symmetry  with  the  lowest  energy  stretch  at  771  cm*1. 
Based  on  this  structure,  the  geometry  was  optimized  at  the  MP2/6-31G*  level 
and  again  a  minimum  with  C3  symmetry  was  found  as  shown  in  Figure  4. 
Inclusion  of  diffuse  functions  at  the  RHF  level  resulted  in  only  minor  changes  in 
calculated  bond  lengths  and  angles.  The  results  are  summarized  in  Tables  6 
and  7.  The  DFT  calculations  yield  a  similar  structure  except  that  it  has  only  Cs 
symmetry.  The  only  real  asymmetry  in  the  parameters  is  found  for  R12  and  R12'. 

Our  calculations  show  that  N(N3)3  is  pyramidal  as  found  for  the 
related  compounds  NH3t  NF3i  N(CH3)329  and  N(N02)338  molecules.  The  N1-N2 
central  bond  distance  (1.46-1.48  A)  is  similar  to  those  in  N(N3)2‘,  HN(N3)2  and 
hydrazine29  and  considerably  shorter  than  that  of  1.54  A  calculated38  for  - 
N(N02)3.  As  expected  for  the  approximately  linear,  nonbulky  azide  groups, 
ligand-ligand  repulsion  effects  and  ligand  crowding  appear  to  be  minimal.  The 
charges  in  N(N3)3  (Table  3)  are  essentially  the  same  as  those  in  HN(N3)2  except 
that  the  charge  at  N1  is  less  negative  than  the  charge  on  N1  in  N(N3)2H. 

N(N3)4+ 


The  last  member  of  this  series  of  azidamine  compounds  is  the 
tetraazidammonium  cation.  Geometry  and  vibrational  frequency  calculations  at 
the  RHF/6-31G*  level  of  theory  show  a  minimum  energy  structure  of  D2d 
symmetry  which  was  again  optimized  at  the  MP2/6-31G*  level  (see  Tables  8 
and  9  and  Figure  5).  As  can  be  seen,  the  central  N1-N2  bond  length  (1.465  A) 
is  again  very  similar  to  those  calculated  for  N(N3)3  (1 .463  A)  and  HN(N3)2  (1 .467 
A)  at  the  MP2  level  indicating  little  effect  of  adding  a  fourth  azido  ligand  to  the 
central  nitrogen  atom.  The  slight  distortion  of  the  N1(N2)4  tetrahedron  to  D2d 
symmetry  can  be  attributed  to  unequal  repulsion  effects  caused  by  the  two 
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sterically  active  free  valence  electron  pairs  on  each  N2  atom.  Due  to  the 
strongly  bent  N1-N2-N3  angle  of  106°,  the  four  azido  groups  are  arranged  in  an 
up-down-up-down  manner  which  minimizes  their  mutual  repulsion  (see  Figure 
4).  The  DFT  geometry  is  in  reasonable  agreement  with  the  MP2  geometry.  The 
distance  R12  is  predicted  to  be  longer  at  the  DFT  level  and  R23  and  R34  are  thus 
shorter  than  the  MP2  values.  Addition  of  the  fourth  N3  group  to  form  N(N3)4+ 
leads  to  both  N1  and  N4  becoming  more  positive  (Table  3)  but  the  charges  on 
N2  and  N3  do  not  show  significant  variations. 

The  stretching  frequencies  for  N(N3)4+  differ  from  the  other 
azidamines.  The  band  at  350  cm'1  is  the  asymmetric  sum  of  the  symmetric 
stretches  of  the  N3  groups  from  the  central  N.  The  band  at  453  cm'1  is  the 
symmetric  sum  of  these  symmetric  N-(N3)  stretches  coupled  with  a  bend.  Thus, 
there  are  much  lower  frequency  modes  in  N(N3)4+  that  could  lead  to 
decomposition  than  predicted  for  the  other  azidamines. 

Bond  Lengths  in  the  Azido  Groups 

Although  the  N-N  bond  lengths  in  the  azido  groups  do  not  change 
dramatically  on  going  from  the  N(N3)2'  anion  to  the  N(N3)4+  cation  and  are  all 
within  the  range  expected  for  predominantly  covalent  azides,  the  relative 
contributions  from  the  two  resonance  strucures  III  and  IV  are  influenced  by  the 
sign  of  the  charge  on  the  central  nitrogen  atom  N1.  In  the  N(N3)2'  anion,  the  N1 
central  atom  possesses  two  free  valence  electron  pairs  and,  hence,  carries  a 
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formal  negative  charge.  This  formal  negative  charge  on  N1  and  the 
undesirability  of  neighboring  charges  having  the  same  sign  increase  the 
relative  contribution  from  resonance  structure  IV  in  the  anion.  On  the  other 
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hand,  in  the  N(N3)4+  cation,  the  N1  atom  no  longer  possesses  any  free  valence 
electron  pair  and,  hence,  carries  a  formal  positive  charge.  In  the  cation, 
therefore,  the  contribution  from  resonance  structure  III  should  be  enhanced.  In 
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the  neutral  amines,  i.e. ,  N(N3)3  and  HN(N3)2,  the  N1  atom  does  not  carry  any 
excess  formal  charge  and,  hence,  does  not  influence  the  relative  contributions 
from  the  two  resonance  structures  III  and  IV.  This  influence  of  the  excess 
formal  charge  residing  on  N1  on  the  N-N  bond  lengths  of  the  azido  groups  is 
clearly  reflected  by  the  results  of  our  calculations.  In  N(N3)2',  the  N2-N3  bond 
has  more  double  bond  character  (1.247  A)  relative  to  that  in  N(N3)4+  (1.271  A), 
whereas  the  terminal  N3-N4  bond  has  less  triple  bond  character  (1.174  A) 
relative  to  that  in  N(N3)4+  (1 .155  A).  The  partial  equalization  of  the  bond  lengths 
in  an  azido  group  strengthens  the  weak  N-N  single  bond  and,  hence,  increases 
the  activation  energy  barrier  against  N2  elimination,  shown  schematically  in  (1) 
and  discussed  below. 

X-N-N-N  ->  X-N  +  N-N  (1) 

Thus  the  N(N3)2"  anion  is  expected  to  possess  a  somewhat  higher  energy 
barrier  to  N2  elimination  than  the  N(N3)4+  cation. 
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Thermochemistry 


The  gas  phase  heats  of  formation  of  the  molecules  (Table  12) 
discussed  above  can  be  calculated  from  the  enthalpy  changes  of  the  reactions 
shown  in  Table  11  by  using  the  calculated  total  energies  given  in  Table  10  and 
the  known  heats  of  formation39'41  given  in  Table  12.  There  is  reasonable 
agreement  for  the  calculated  DFT  and  MO  heats  of  formation  for  HN(N3)2  with 
the  NLDFT  value  being  more  positive  by  27  kj/mol.  The  deviation  between  the 
two  methods  increases  to  48  kj/mol  for  N(N3)3.  For  N(N3)4+  both  DFT  values 
are  considerably  more  positive  than  the  MO  value. 

Two  different  methods  were  used  to  calculate  the  heat  of  formation  of 
the  anion  N(N3)2'.  The  simplest  method  is  to  calculate  the  proton  affinity  of  the 
anion  as  shown  in  Reaction  (10).  In  order  to  check  the  accuracy  of  the  method, 
we  calculated  the  proton  affinity  of  NH2'  as  shown  in  Reaction  (13).  The  NLDFT 
calculated,  absolute  value  for  the  proton  affinity  is  31  kJ/mol  too  high.  The 
NLDFT  value  for  AHf(N(N3)2')  from  Reaction  (10)  is  37.6  kJ/mol  higher  than  that 
from  Reaction  (4).  If  the  error  from  Reaction  (13)  is  used  to  correct  the  value 
from  Reaction  (10)  giving  AHf(N(N3)2')  =  703.3  kJ/mol,  the  agreement  is 
significantly  improved.  At  the  MO  level,  additional  calculations  were  carried  out. 
Because  of  the  presence  of  anions,  diffuse  functions  were  added  to  the  6-31 G* 
basis  set  to  give  the  6-31 +G*  basis  set.  The  MP2  values  of  AHf(N(N3)2')  with  the 
6-31 G*  basis  set,  calculated  from  Reaction  (4)  and  Reaction  (14),  differ  by  131 
kJ/mol  whereas  with  the  6-31 +G*  basis  set  this  difference  is  only  8  kJ/mol . 
Taking  an  average  of  the  6-31 +G*  basis  set  results  gives  AHf(N(N3)2')  =  736 
kJ/mol.  The  value  of  AHf(N(N3)2')  from  Reaction  (14)  from  the  NLDFT 
calculations  is  734  kJ/mol  which  is  in  good  agreement  with  the  uncorrected 
value  from  Reaction  (10)  but  not  in  as  good  agreement  with  the  value  from 
Reaction  (4).  If  we  take  the  corrected  value  from  Reaction  (10)  and  average  it 
with  the  NLDFT  values  from  Reactions  (4)  and  (14),  we  obtain  AHf(N(N3)2‘)  = 
711  kj/mol.  The  difference  between  the  MO  and  DFT  values  is  25  kJ/mol, 
similar  to  some  of  the  differences  found  above  but  in  the  opposite  direction. 

The  two  proton  affinities  that  have  been  calculated,  those  for  N(N3)2' 
and  HN(N3)2  can  be  compared  to  the  simple  amines,  NH2'  and  NH3.  The 
substitutiion  of  two  hydrogens  by  two  N3  groups  lowers  the  proton  affinity  by 
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almost  85  kJ/mol.  For  example,  PA(NF3)  equals  573.2  kJ/mol.  Thus  the  azide 
group  is.  lowering  the  proton  affinity  in  the  same  direction  as  the  very 
electronegative  fluorine.  As  a  check,  we  calculated  PA(NH3)  =  856.0  kJ/mol  in 
excellent  agreement  with  the  experimental  value  of  853.5  kJ/mol 40  Substitution 
of  H  by  N3  makes  for  a  much  stronger  acid  in  the  gas  phase  as  shown  by  the 
large  decrease  in  the  proton  affinity  of  the  N(N3)2-  anion  by  300.4  kJ/mol  as 
compared  to  that  of  NH2\  The  corrected  acidity  of  HN(N3)2  is  1394.9  kJ/mol 
which  can  be  compared  to  the  value  for  HNF2  of  1502.1  kJ/mol  showing  that 
HN(N3)2  is  a  stronger  acid  than  HNF2. 

These  results  show  that  the  azidiamines  are  highly  energetic 
materials  and  good  HEDM  candidates.  As  noted  previously,  their  high  energy 
content  arises  from  the  large  energy  difference  between  the  NN  triple  bond  and 
the  sum  of  the  single  and  double  NN  bonds. 


Decomposition  of  covalent  azides  usually  proceeds  via  N2  elimination 
and  has  been  well  studied  for  a  number  of  XN3  species  where  X  =  H  or 
halogen. 42-47  For  example,  the  N-F  bond  strength  in  FN3  is  -230  kJ/mol 
whereas  decomposition  to  FN(3X")  and  N2  is  exothermic  by  -125  kJ/mol  47 
Thus  the  formation  of  the  first  excited  singlet  state  as  shown  in  reaction  (15)  is 
endothermic  by  -20  kJ/mol.48  There  is  an  experimentally  determined  activation 
energy  of  about 

FN3  — »  FN(a^A)  +  N2  (-15) 

61  kJ/mol  for  Reaction  (15).  Calculations43>49  at  the  HF/6-31G*  level  give  a 
classical  energy  barrier  of  45.6  kJ/mol  which  is  reduced  to  40.4  kJ/mol  when 
zero  point  effects  are  included;  these  results  are  in  qualitative  agreement  with 
the  experimental  value.  The  decomposition  of  the  azidamines  is  formally 
analogous  to  Reaction  (15)  as  long  as  it  proceeds  on  the  potential  energy 
surface  leading  to  a  singlet  nitrene  (Reaction  (16)). 

RN(N3)2  ->  R(N3)N-N:  +  N2  (16) 

Furthermore,  the  resulting  azido  nitrenes  may  be  very  unstable  leading  to  a 
rapid  loss  of  a  second  N2  molecule  as  shown  in  Reaction  (17) 
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R-N-N:  ->  R-N-N:  +  N2 


(17) 


N3  N: 

where  the  resulting  compound  should  be  very  unstable  and  lose  yet  another  n2. 
For  example,  generation  of  an  N(N3)2'  structure  by  removal  of  a  proton  from  the 
higher  energy  structure  for  HN(N3)2  led  to  a  structure  for  the  anion  that  is  54 
kJ/mol  higher  in  energy  than  the  optimized  anion  structure.  Optimization  of  this 
higher  energy  form  led  to  dissociation  into  2N2  +  N3"  showing  that  the  anion 
may  not  be  stable  to  changes  in  conformation.  In  order  to  further  study  the  N2 
elimination  process,  the  transition  states  (see  Figures  7  and  8)  for  loss  of  N2 
from  HN(N3)2  and  N(N3)3  were  calculated  at  the  HF/6-31G*  level  following  the 
results  noted  above  for  FN3.  For  HN(N3)2,  the  calculated  classical  energy 
barrier  for  N2  elimination  (Reaction  (16))  is  41.3  kJ/mol  whereas  for  N(N3)3,  the 
classical  barrier  is  45.8  kJ/mol. 50  Correction  of  these  energy  barriers  for  zero 
point  effects  lowers  the  barriers  to  34.1  kJ/mol  for  HN(N3)2  and  to  38.7  kJ/mol  for 
N(N3)3.  (The  geometry  parameters  and  frequencies  are  given  as 
Supplementary  Material.)  This  result  suggests  that  the  predicted  shock 
sensitivity  of  the  azidamines  is  no  better  than  that  of  FN3.46 

Potential  Methods  for  the  Synthesis  of  Azidamines 

Since  the  polynitrogen  compounds  of  our  study  are  azidamines  and, 
therefore,  do  not  require  synthetically  difficult  ring  closing  methods,  they  are 
more  amenable  to  chemical  synthesis  than  cyclic  or  polycyclic  compounds, 
such  as  hexaazabenzene  or  octaazacubane.  Potential  methods  for  the 
synthesis  of  azidamines  include  either  the  replacement  of  halogen  ligands  in 
nitrogen  halides  by  azido  groups  using  commercially  available  reagents  such 
as  trimethylsilylazide,  (CH3)3SiN3, 

NX3  +  3(CH3)3SiN3  ->  N(N3)3  +  3(CH3)3SiX  (18) 

or  the  reverse  approach,  i.e.,  the  reactions  of  trimethysilylamines  with  halogen 
azides: 
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NSi(CH3)33  +  3XN3  — »  N(N3)3  +  3(CH3)3SiX  (19) 

The  use  of  appropriate  solvents  will  be  important  to  better  control  the  reaction 
conditions  and  decrease  the  risk  of  explosions. 
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Table  1.  Calculated  Geometries  (Angstroms  and  Degrees)  of  the  Diazidamide  Anion  [N(N3)2  ]. 


Table  2.  Calculated  Harmonic  Frequencies  in  cm'1  and  Infrared  Intensities  [  ]  in  km/mol  of  N(N3)2‘ 
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Table  3.  Calculated  Atomic  Charges 


Method 

N1 

N2 

N3 

N4 

n(n3)2- 

Mulliken/HF 

-0.43 

-0.27 

0.38 

-0.40 

CHELPG/HF 

-0.42 

-0.38 

0.66 

-0.57 

Mulliken/DFT 

-0.33 

-0.12 

0.11 

-0.32 

N(N3)2H 

Mulliken/DFT 

-0.19(0.07)a  -0.18 

0.25 

-0.10 

- 

N(N3)3 

Mulliken/DFT 

-0.02 

-0.15 

0.24 

-0.09 

N(N3)4+ 

Mulliken/DFT 

0.09 

-0.11 

0.28 

0.06 

a  Charge  in  parentheses  is  the  sum  of  the  N1  and  H  charges. 


Table  4.  Calculated  Geometries  (Angstroms  and  Degrees)  of  Diazidamine  [HN(N;,)d- 


Table  5.  Calculated  Harmonic  Frequencies  in  cm''  and  Infrared  Intensities  [  ]  in  km/mol  of  HN(N3)3 
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Table  6.  Calculated  Geometries  (Angstroms  and  Degrees)  of  Diazidamine 
[(N3)3]. 

Geometry 


Parameter 

RHF/6-31G* 

RHF/6-31+G* 

MP2/6-31G* 

NLDFT/TZVP 

R-12 

R12  (x2) 

1.422 

1.421 

1.463 

1.451 

1.486 

R23 

R2-3'  (x2) 

1.251 

1.252 

1.271 

1.259 

1.257 

R34 

R^'  (x2) 

1.097 

1.096 

1.155 

1.147 

1.149 

02'i2' 

0212'  (x2) 

106.6 

106.7 

103.9 

106.3 

103.0 

0123 

012'3'  (X2) 

107.4 

107.5 

106.5 

108.6 

108.3 

0234 

02'3'4'  (X2) 

174.0 

173.9 

171.6 

170.1 

170.8 

?2'123 

X212'3'  (X2) 

147.6 

150.5 

147.3 

124.8(x2) 

149.8 

^1234 

Xl2'3'4'  (X2) 

174.6 

174.2 

177.3 

179.1 

171.8 

Table  7.  Calculated  Harmonic  Frequencies  in  cm'1  and  Infrared  Intensities  []  in  km/mol  of  N(N3)3 
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Table  8.  Calculated  Geometries  (Angstroms  and  Degrees)  of  the 
Tetraazidammonium  Cation,  N(N3)4+. 

Geometry 

RHF/6-31G* 

MP2/6-31G* 

NLDFT/TZVP 

R12 

1.436 

1.465 

1.486 

R23 

1.293 

1.292 

1.280 

R34 

1.085 

1.149 

1.140 

02'  12 

100.1 

99.2 

97.7 

0123 

106.8 

106.1 

109.4 

0234 

171.8 

169.9 

167.8 

Table  9.  Calculated  Harmonic  Frequencies  in  cm'1  and  Infrared  Intensities  []  in 
km/mol  of  N(N3)4+ 


Mode 

RHF/6-31G* 

MP2/6-31G* 

NLDFT7TZVP 

Ai 

ui 

2599  [0] 

2327  [0] 

2145  [0] 

u2 

1112  [0] 

1185  [0] 

1139  [0] 

1)3 

943  [0] 

839  [0] 

785  [0] 

\)4 

547  [0] 

496  [0] 

453  [0] 

^5 

348  [0] 

322  [0] 

326  [0] 

1 1 3  [0] 

100  [0] 

69  [0] 

A2 

\J7 

582  [0] 

478  [0] 

509  [0] 

118  [0] 

69  [0] 

29  [0] 

Bi 

•Ug 

614  [0] 

499  [0] 

524  [0] 

VlO 

423  [0] 

357  [0] 

321  [0] 

^11 

82  [0] 

59  [0] 

81  [0] 

b2 

1)12 

2589  [52] 

2312  [17.4] 

2136  [54] 

"U13 

1231  [1] 

1167  [5.0] 

1168  [1.1] 

•U14 

1074  [26] 

944  [2.0] 

843  [14] 

U15 

592  [1] 

517  [0.1] 

478  [2.0] 

1)16 

443  [6] 

409  [2.8] 

350  [4.5] 

^17 

163  [0] 

142  [0] 

138  [0.4] 

E 

*>18 

2589  [584] 

2318  [697] 

2131  [461] 

1>19 

1161  [462] 

1124  [581] 

1084  [517] 

\)20 

965  [192] 

912  [200] 

808  [280] 

\)2i 

842  [98] 

755  [0.1] 

668  [17] 

V22 

615  [78] 

510  [32.1] 

540  [16] 

D23 

473  [22] 

418  [10.7] 

376  [1.2] 

1)24 

226  [6] 

196  [4.4] 

190  [3.5] 

U25 

87  [4] 
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Table  11.  Reactions  Used  to  Calculate  Heats  of  Formation 


Reaction 

AH(rxn)  kJ/mol 

NLDFT 

2 

NH3  +  2HN3  -»  HN(N3)2  +  2H2 

296.2 

3 

NH3  +  3HN3  — >  N(N3)3  +  3H2 

443.5 

4 

[NH2]-  +  2HN3  -4  [N(N3)2]-  +  2H2 

-4.5 

5 

[NH4]+  +  4  HN3  -4  [N(N3)4]+  +  4H2 

746.0 

6 

HN3  +NH3  -4  H2  +  H2N(N3) 

158.5 

7 

H2NN3  +HN3  -4  H2  +  HN(N3)2 

137.6 

8 

HN(N3)2  +  HN3  -4  H2  +  N(N3)3 

147.3 

9 

NH3  +  H+  -4  [NH4]+ 

-856.2 

10 

[N(N3)2]-  +  H+  -4  HN(N3)2 

-1425.9 

11 

HN(N3)2  +  H+  -4  [N(N3)H2]+ 

-771.7 

12 

2  [N(N3)2H2]+  -4  [NH4]+  +  [N(N3)4]+ 

-60.2 

13 

[NH2]‘  +  h+  nh3 

-1726.5 

14 

NH3  +  2HN3  ->  [N(N3)2]-  +  H+  +  2H2 

1721.7 

Table  12.  Experimental  and  Calculated  Heats  of  Formation  (298  K)  in  kJ/mol 


Figure  Captions 


Figure  1 .  Geometry  of  N(N3}2'  at  the  MP2/6-31 G*  level  of  theory. 

Figure  2.  Total  valence  electron  density  plot  calculated  at  the  DFT  level  for  the 

molecular  plane  of  N(N3)2\  The  calculation  was  done  with  effective  core 
potentials  so  as  to  eliminate  the  effects  of  the  Is  orbitals  on  the  density. 
The  plot  is  for  electron  densities  from  0.0  to  4.4  e/A3  in  0.2  e/A3 
increments. 

Figure  3  (a)  Geometry  of  HN(N3)2  (Cs  symmetry)  at  the  MP2/6-31 G*  level  of 

theory,  (b)  Ci  symmetry  structure  for  HN(N3)2. 

Figure  4.  Geometry  of  N(N3)3  at  the  MP2/6-31 G*  level  of  theory. 

Figure  5.  Geometry  of  N(N3)4+  at  the  MP2/6-31  G‘  level  of  theory. 

Figure  6.  Geometry  of  HN(N3)2  transition  state  at  the  HF/6-31 G*  level  of  theory. 

Figure  7.  Geometry  of  N(N3)3  transition  state  at  the  HF/6-31  G‘  level  of  theory. 
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FIGURE  2 


FIGURE  3b 


FIGU 


SUPPLEMENTARY  MATERIAL 


Theoretical  Prediction  of  the  Structures  and  Stabilities  of 
Azidamines 

H.  Harvey  Michels,  John  A.  Montgomery,  Jr.,  Karl  0.  Christe,  and  David  A.  Dixon 

Cartesian  coordinates,  geometry  parameters  and  vibrational  frequencies 
for  the  transition  states  for  Reaction  (16)  for  HN(N2)3  and  N(N3)3  at  the  HF/6- 
31 G*  level. 

Table  SI.  Cartesian  Coordinates  (A)  of  transition  state  for  reaction  (16)  for 
HN(N3)2  and  N(N3)3. 

HN(N3)2 


8 


1 

-0.149231 

-1.825059 

0.942977 

7 

-0.066652 

-0.958596 

0.453121 

7 

1.056179 

-0.993034 

-0.316386 

7 

-1.264849 

-0.806294 

-0.313698 

7 

1.804366 

0.303467 

-0.002720 

7 

-1.754083 

0.313406 

-0.062748 

7 

2.505994 

1.123774 

0.026426 

7 

-2.259638 

1.278000 

0.081294 

N(N3)3 

10 


7 

0.091467 

-0.074976 

-0.377425 

7 

-0.995091 

-0.615223 

0.991632 

7 

1.268060 

-0.767182 

0.774514 

7 

0.261154 

1.296259 

0.760747 

7 

-1.820420 

-1.235136 

-0.162857 

7 

2.065440 

-0.753238 

-0.186313 

7 

-0.330084 

2.001972 

-0.078735 

7 

-2.542397 

-1.769580 

-0.760428 

7 

2.841835 

-0.785377 

-0.961723 

7 

-0.839961 

2.702481 

-0.754261 

Table  2S.  Molecular  geometry  parameters  (A  and  degrees)  for  the  transition 
state  for  reaction  (16)  for  HN(N3)2 


/ 

Hi - N2 

\ 

N4 

\ 

N6 

\ 

N8 


Parameter 

Value 

Parameter 

Value 

r(HrN2) 

0.999 

0(HrN2-N3) 

108.9 

r(N2-N3) 

1.362 

0(Hi-N2-N4) 

106.6 

r(N2-N4) 

1.431 

6(N3-N2-N4) 

113.0 

r(N3»«*N5) 

1.529 

0(N2-N3~N5) 

105.4 

r(N5-N7) 

1.080 

e(N3— n5-n7) 

165.3 

r(N4-N6) 

1.247 

0(N2-N4-N6) 

108.4 

r(N6-N8) 

1.099 

0(N4-N6-N8) 

174.3 

Table  3S.  Molecular  geometry  parameters  (A  and  degrees)  for  the  transition 
state  for  reaction  (16)  for  (N3)3 


Paramter 

r(NrN2) 

r(NrN3) 

r(NrN4) 

r(N2*~N5) 

r(N5-N8) 

r(N3-N6) 

r(N6-N9) 

r(N4-N7) 

r(N7-N10) 


Nio 

\ 

n7 

\ 

N4 

\ 

^1— n2 n5 — n8 


/ 

N9 


Value 

Parameter 

Value 

1.360 

0(N2-NrN3) 

110.7 

1.422 

6(N2-NrN4) 

110.0 

1.434 

6(N3-NrN4) 

107.0 

1.549 

6(NrN2*~N5) 

102.4 

1.079 

0(N2~N5-N8) 

165.4 

1.249 

0(NrN3-N6) 

107.9 

1.098 

0(N3-N6-N9) 

174.2 

1.246 

6(NrN4-N7) 

107.8 

1.099 

0(N4-N7-N1O) 

174.7 

Table  S4.  Vibrational  frequencies  (cm'1)  for  the  transition  states  for  reaction 
(16)  for  HN(N3)2  and  N(N3)3. 


HNfN,U 

NINals 

3804 

2667 

2650 

2465 

2454 

2442 

1647 

1267 

1260 

1229 

1166 

1184 

1065 

1138 

974 

1022 

741 

805 

668 

748 

621 

652 

553 

643 

417 

609 

292 

505 

205 

495 

91 

430 

50 

376 

735i 

245 

212 

128 

69 

38 

29 

667i 


Appendix  AA 


CHAPTER  CONTRIBUTED  TO  THE  NEW  EDITION  OF  HOUBEN- 
WEYL'S  METHODS  OF  ORGANIC  CHEMISTRY 

2.2  CHEMICAL  METHODS  FOR  THE  GENERATION  OF  FLUORINE 

Generally,  the  electrochemical  production  of  fluorine  which  involves  only  low  cost 
chemicals  and  electricity  in  a  single  step  process,  is  simpler  and  cheaper  than  the  chemical 
generation  of  fluorine  and,  therefore,  is  used  exclusively  when  larger  amounts  of  fluorine 
are  needed  on  a  routine  basis.  However,  occasions  may  arise  when  commercially  sold 
fluorine  gas  or  electrochemical  cells  for  its  production  are  either  not  available  or  not 
desirable  for  reasons  such  as  logistics  or  safety.  Under  these  circumstances,  fluorine  can 
be  generated  by  chemical  methods. 

These  methods  can  be  classified  into  two  categories.  The  first  one  is  a  purely  chemical 
synthesis  which  excludes  either  techniques  such  as  electrolysis,  photolysis,  electric 
discharge,  etc.  or  the  use  of  elemental  fluorine  for  the  synthesis  of  any  of  the  required 
starting  materials.  The  second  category  encompasses  compounds  which  have  been 
prepared  from  fluorine  but  can  be  decomposed  by  either  mild  heating  or  displacement 
reactions  to  evolve  fluorine.  Although,  from  a  purist’s  point  of  view,  this  second  category 
is  better  defined  as  a  chemical  storage  and  regeneration  scheme  of  fluorine,  it  nevertheless 
is  frequently  included  in  the  chemical  methods  for  the  generation  of  fluorine.  In  the 
following  section,  both  categories  of  fluorine  generation  will  be  briefly  described. 

PURELY  CHEMICAL  SYiyTHEgig  QF  fluorine 

Attempts  to  prepare  elemental  fluorine  by  chemical  methods  preceded  Moissan's 
electrochemical  synthesis  by  at  least  73  years  1  and  did  not  succeed  until  1986,  2  exactly 
100  years  after  Moissan's  famous  discovery.  3  These  failures  by  many  notable  chemists 
had  led  to  the  widespread  misconception  that  fluorine,  because  of  its  status  as  the  most 
electronegative  element,  could  not  be  prepared  by  chemical  means. 

The  first  purely  chemical  synthesis  of  fluorine  was  accomplished  in  1986  by  Christe2  and 
is  remarkable  for  its  simplicity  and  elegance.  The  two  starting  materials,  K2MnF6  and 
SbFs,  had  been  known  4>5  for  almost  a  century  and  can  be  readily  prepared  from  HF 
solutions  according  to: 

50%  aq  HF 

2KMn04  +  2KF  +  10HF  +  3H202  -  ■■  ►  2K2MnF6;  +  8H20  +  302 

and 

SbCl5  +  SHF - SbF5  +  5HC1 


The  original  literature  yield  of  30%  reported  4  for  the  K^MnFg  preparation  was  increased 

to  73%  by  using  acetone  in  place  of  HF  for  the  final  washing  of  the  product.2  A  simple 
Lewis  acid  displacement  reaction  was  used  to  liberate  MnF4  which  is  thermodynamically 

190°C 

K2MnF6  +  2SbF5  - ^  2KSbF6  +  MnF4 

unstable  and  decomposes  to  lower  manganese  fluorides  and  elemental  fluorine  with  yields 
in  excess  of  30%. 

2MnF4  - ►  2MnF3  +  F2 

The  following  procedure  describes  a  typical  preparation. 

Fluorine :  A  prepassivated  (with  C1F3)  0.75  inch  o.d.  Teflon-FEP  U-trap,  which  was 
closed  by  two  stainless  steel  valves,  was  loaded  in  the  dry  N2  atmosphere  of  a  glove  box 
with  8  mmol  of  K2MnF6.  The  U-trap  was  connected  to  a  stainless  steel  Teflon  vacuum 
manifold,6  the  connections  were  leak  checked  and  passivated,  and  about  35  mmol  of  SbF5 
was  transferred  in  a  dynamic  vacuum  into  the  U-trap  which  was  cooled  to  -78°C.  The  U- 
tube  was  wrapped  with  a  wire  spiral  to  protect  it  against  collapse  during  heating  and,  then, 
was  heated  in  an  oil  bath  for  one  hour  at  190°C.  The  U-tube  was  cooled  to  room 
temperature  and  contained  about  1.3  mmol  of  essentially  pure  fluorine  gas.  The  only 
detectable  impurities  in  the  gas  were  traces  of  fluorocarbons  from  attack  of  the  Teflon 
reactor  by  fluorine  and  of  SbF5.  These  impurities  were  eliminated  by  cooling  the  Teflon 

tube  to  -196°C  before  withdrawing  the  fluorine.  Yield  of  fluorine:  30-35%  based  on 
2K2MnFg  +4SbFs  ►-  4KSbFg  +  2MnF3  +F2. 

2,2,2.  CHEMICAL  STORAGE  AND  REGENERATION  OF  FI.UORTNF 

The  problems  associated  with  the  storage  and  handling  of  larger  amounts  of  fluorine  at  high 
pressures  can  be  avoided  by  the  use  of  fluorine  gas  generators  which  are  based  on  stable 
solids.  Two  practical  approaches  have  been  demonstrated,7’8  out  of  which  one  is 
commercially  available.9  Both  approaches  are  based  on  high  oxidation  state  complex 
fluoro  anions  of  transition  metals  such  as  Ni,  Cu  or  Mn. 

In  the  first  approach,7  the  temperature  dependence  of  the  equilibrium 

400°C_ 

2KF  +  2K2NiF6  ^  _  2K3NiF6  +  F2 

250°C 


is  exploited.  The  K2NiF6  is  readily  formed  at  250°C  and  decomposes  above  400°C  to 
regenerate  the  fluorine  at  autogenous  pressures  as  high  as  25  atm.  The  following 
procedure  describes  the  hardware  required  for  the  construction  and  operation  of  such  a 
fluorine  gas  regenerator. 

Fluorine  Gas  Regenerator  (Asprey  Model)-.  A  heliarc-welded,  all  nickel  can  of  850  mL 
volume  was  filled  with  an  intimate  mixture  of  3  mol  of  NiF2  and  9  mol  of  dry  KF.  The 

can  was  valved  to  a  tank  of  F2  gas  and  a  vacuum  pump  and  was  heated  by  an  electric 
resistance  furnace.  The  can  was  heated  slowly  to  500°C  under  10  atm  of  F2  and  then 
cooled  to  250°C,  while  still  under  several  atm  of  F2.  Several  such  cycles  were  carried  out 
before  using  the  device  for  the  regeneration  of  F2.  For  the  regeneration  of  F2,  the  salt  was 
fluorinated  at  250°C  until  no  more  F2  was  taken  up.  The  can  was  then  cooled  to  225°C  and 

evacuated  to  remove  the  excess  fluorine  and  any  volatile  impurities.  The  temperature  was 
then  raised  until  the  desired  F2  pressure  (at  400°C,  25  atm)  was  achieved. 

In  a  commercially  available  modification  of  this  concept,  the  Kurchatov  Institute  of 
Atomic  Energy  is  offering  aluminum  cylinders  filled  with  CaNiF6  which  on  heating  evolve 

fluorine.9  The  main  characteristics  of  these  cylinders  are  operating  temperatures  of  140- 
260°C,  maximum  pressure  at  260°C=2  atm,  and  a  weight  of  a  100  L  F2  unit  =2.4  kg.  Due 
to  the  marginal  thermal  stability  of  CaNiF6,  these  cylinders  must  be  kept  and  transported  at 
temperatures  below  60°C. 

In  the  second  approach,8  the  high  oxidation  state  transition  metal  fluoroanion  salts  are 
reacted  with  a  solid  Lewis  acid.  The  underlying  chemical  principle  is  the  same  as  that  used 
for  the  purely  chemical  synthesis  of  fluorine.  A  stronger  Lewis  acid  displaces  the  high 
oxidation  state  transition  metal  fluoride  from  its  salt  to  form  the  thermodynamically  unstable 
free  parent  molecule  which,  then,  rapidly  decomposes  to  a  lower  oxidation  state  fluoride 
and  elemental  fluorine.  A  typical  generator,  containing  1  mol  of  K2NiF6  and  3  mol  of 

BiF5,  generates  0.75  mol  of  F2  at  superatmospheric  pressure  when  heated  to  temperatures 

above  70°C.  The  fluorine  evolution  rate  is  temperature  dependent  and,  therefore,  can  easily 
be  controlled.  The  stoichiometry  for  the  above  reaction  is: 

K2NiF6  +  2BiF5 - ►-  2KBiF6  +  NiF2  +  F2 

In  place  of  K2NiF6,  other  salts,  such  as  Cs2CuF6,  Cs2MnF6  or  K2MnF6,  or  other  Lewis 
acids,  such  as  TiF4,  can  be  used.  The  following  procedure  describes  a  typical  fluorine 
generator. 


Fluorine  Gas  Generator  (Christe  Model):  A  100  ml  stainless  steel  cylinder,  equipped  with  a 
valve  and  a  pressure  transducer,  was  loaded  inside  a  dry  box  with  an  intimate  mixture  of  60 
mmol  of  K2NiF6  and  180  mmol  of  BiFs-  The  cylinder  was  evacuated  at  room  temperature 
and  then  heated  until  F2  evolution  set  in  at  about  60-70°C.  The  heating  rate  was  followed 

by  observation  of  the  pressure  build-up  and  adjusted  to  provide  the  desired  amounts  and 
pressures  of  F2  (maximum  F2  yield  and  pressure,  about  45  mmol  of  F2  and  10  atm). 
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ABSTRACT 

The  new  [XeOF5)‘  salt,  N(CH3)4XeOF5,  was  prepared.  This  highly 
explosive  compound  was  characterized  by  infrared,  Raman,  and  multinuclear 
NMR  spectroscopy.  The  electronic  structure,  vibrational  frequencies,  and  force 
field  of  the  free  [XeOF5]’  anion  in  C4v  and  Csv  symmetry  were  calculated  at  the 
LDFT/PP/DZVP,  NLDFT/PP/DZVP,  HF/ECP/DZP,  and  MP2/ECP/DZP  levels  of 
theory.  Except  at  the  Hartree  Fock  level,  all  of  the  calculations  predict  for  free 
[XeOFs]'  a  pseudooctahedral  C4V  structure  with  a  stericaliy  inactive  free  valence 
electron  pair  on  Xe  to  be  lower  in  energy  than  a  C5V  structure  in  which  the 
oxygen  and  the  stericaliy  active  free  valence  electron  pair  on  Xe  occupy  the  two 
axial  positions  of  a  pseudopentagonal-bipyramid.  The  vibrational  spectra 
which  were  experimentally  observed  for  solid  [XeOF5]'  salts  agree  only  with  the 
spectra  predicted  from  the  Csv  model.  The  Csv  structure  of  [XeOFs]’  is 
analogous  to  those  found  for  IF7,  [lOFe]',  and  [XeF5]',  but  differs  from  the 
distorted  octahedral  Cs  structures  found  for  XeF6  and  [IF6]’  and  previously  also 
proposed  for  [XeOF5]\  The  preferences  of  heptacoordinated  molecules  for 
either  pentagonal-bipyramida!  or  distorted  octahedral  structures  and  the 
fluxionality  of  some  of  these  structures  can  be  rationalized  by  the  presence  or 
absence  of  unequal  ligand  repulsion  effects. 
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INTRODUCTION 


The  XeOF4  molecule  can  form  1:1  and  3:1  complexes  with  strong 
Lewis  bases,  such  as  KF,  RbF,  CsF,  and  NOF.4'6  The  structure  of  the  3:1 
complexes  was  established  by  X-ray  crystallography  and  shown  to  contain  the 
[F(XeOF4)3]’  anion  which  consists  of  three  XeOF4  molecules  bridged  to  a  central 
[F]’  anion.7-8  For  the  [XeOFs]'  anion  which  is  present  in  the  1 :1  adducts, 
structure  I  of  Cs  symmetry  was  proposed7'8  based  on  the  observed  Raman 
spectrum.  The  free  valence  electron  pair  on  Xe  was  assumed  to  be  sterically 
active  and  to  occupy  an  XeF3  face. 
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This  structural  model  was  based  on  the  structures  found  for  XeF69  and  [IF6]'.10 
However,  by  analogy  with  the  recently  determined  structures  of  [XeFs]*11  and 
[IOF6]-,12 
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structure  II  of  C5v  symmetry  also  needs  to  be  considered  for  [XeOF5]' 
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This  structure  can  be  derived  from  that  of  [XeF5]'  by  replacement  of  a  sterically 
active  free  valence  electron  pair  on  Xe  by  a  doubly  bonded  oxygen  ligand. 

Another  structure  for  [XeOF5]'  which  might  also  be  of  low  energy  is  III 
in  which  the  free  valence  electron  pair  on  Xe  is  sterically  inactive  resulting  in 
C4V  symmetry. 


O 


F 
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It  was,  therefore,  of  interest,  to  reexamine  the  structure  of  the  [XeOF5]‘ 
anion.  To  minimize  anion-anion  interactions  and  to  increase  the  solubility  of  the 
[XeOFs]'  salts  for  NMR  studies  and  possible  growth  of  single  crystals  for  X-ray 
diffraction,  a  larger  counter  cation  was  desired.  This  prompted  us  to  attempt  the 
synthesis  of  N(CH3)4XeOF5  and,  if  successful,  to  study  its  structure. 

EXPERIMENTAL  SECTION 

Caution!  The  XeOF4  -  CH3CN  -  N(CH3)4F  system  is  hazardous  and 
explosions  have  occurred  several  times  when  either  rapidly  cooling  this  system 
or  handling  solid  N(CH3)4XeOF5.  Its  handling  should  be  limited  to  small 
quantities  and  appropriate  safety  precautions  and  shielding  should  be  used  at 
all  times. 


Materials  and  Apparatus.  Literature  methods  were  used  for  the 
syntheses  of  XeOF4l12  anhydrous  N(CH3)4F,13  the  17,180-enriched  XeOF4 
(oxygen  isotopic  composition:  160,  36.5%,  170,  26.5%,  and  180,  37.0%), 14  and 
the  drying  of  CH3CN.15 

Acetonitrile  was  transferred  in  a  flamed  out  Pyrex  glass  vacuum  line 
that  was  equipped  with  Kontes  glass-Teflon  valves  and  a  Heise  pressure 
gauge.  The  oxidizers  were  handled  in  a  stainless  steel  vacuum  line  equipped 
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with  Teflon-FEP  U-traps,  316  stainless  steel  bellows-seal  valves,  and  a  Heise 
pressure  gauge.16  The  metal  line  and  the  reactor  were  passivated  before  use 
with  CIF3,  BrF5  and  XeF6.  Nonvolatile  materials  were  handled  in  the  dry 
nitrogen  atmosphere  of  a  glove  box. 

The  infrared,  Raman,  and  MNR  spectrometers  that  were  used  in  this 
study  have  previously  been  described.15  A  Perkin-Elmer  differential  scanning 
calorimeter,  Model  DSC-1B,  was  used  to  determine  the  thermal  stability  of  the 
salt.  The  samples  were  crimp-sealed  in  aluminum  pans,  and  a  heating  rate  of 
10°C/min  in  N2  was  used. 

Synthesis  of  NfCHhUXeOFs.  A  3/4"  o.d.  Teflon-FEP  ampule,  that 
was  closed  by  a  stainless  valve,  was  loaded  in  the  dry  box  with  N(CH3)4F 
(1 .724  mmol),  and  CH3CN  (7.35  ml)  was  added  on  the  glass  vacuum  line.  The 
ampule  was  connected  to  the  steel  vacuum  line  and  XeOF4  (1.938  mmol)  was 
added  at  -196°C.  The  mixture  was  allowed  to  warm  behind  a  blast  shield  to 
room  temperature  with  occasional  gentle  agitation.  All  material  volatile  at  20°C 
was  pumped  off  for  4  hours  leaving  behind  a  white  solid  (549  mg,  weight 
calculated  for  1.724  mmol  of  N(CH3)4XeOFs  =  545.3  mg),  that  was  identified  by 
vibrational  spectroscopy  as  N(CH3)4XeOF5. 

Computational  Methods.  A  variety  of  electronic  structure  calculations 
were  performed  in  order  to  calculate  the  geometries,  relative  energies  and 
vibrational  frequencies  of  [XeOF5J\  The  electronic  structure  calculations  were 
done  at  four  different  levels  and  all  calculations  were  done  on  a  Cray  YMP 
computer.  The  first  set  of  calculations  were  done  at  the  Hartree-Fock 
(HF/ECP/DZP)  level  with  the  program  GRADSCF.17  A  polarized  double  zeta 
valence  basis  set18  (DZP)  was  used  for  all  of  the  atoms  with  the  inner  shell 
electrons  on  Xe  being  treated  by  an  effective  core  potential  (ECP).19  The 
geometries  and  frequencies  at  this  level  were  calculated  by  using  analytic 
derivative  methods.20’21  Calculations  were  then  performed  at  the  second  order 
Moller-Plesset  (MP2/ECP/DZP)  level  with  only  the  valence  electrons 
correlated.22  The  same  basis  set  as  used  for  the  Hartree-Fock  calculations  was 
used  for  the  MP2  calculations.  The  geometries  were  optimized  and  frequencies 
were  calculated  by  numerical  differentiation  of  the  first  derivatives  at  the  MP2 
level.  The  MP2  calculations  were  done  with  the  program  Gaussian92  23 
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Density  functional  calculations  were  done  with  the  program  DGauss24  at  the 
local  (LDFT)  and  nonlocal  (NLDFT)  (gradient-corrected)  levels  with  two  basis 
sets,  one  in  which  all  of  the  electrons  are  included  in  a  double  zeta  valence 
polarized  (DZVP)25  basis  set  and  one  in  which  the  Xe  core  electrons  are  treated 
with  a  pseudopotential26  (PP)  and  the  remaining  electrons  are  treated  with  a 
polarized  valence  double  zeta  basis  set.  The  local  potential  fit  of  Vosko,  Wilk 
and  Nusair27  was  used  at  the  local  level  (VWN/DZVP  and  VWN/PP/DZVP).  The 
gradient  corrected  or  non-local  density  functional  calculations  were  done  with 
the  non-local  exchange  potential  of  Becke28  together  with  the  non-local 
correlation  functional  of  Perdew29  (BP/DZVP  and  BP/PP/DZVP).  The 
geometries  were  optimized  by  using  analytic  gradient  methods.  The  second 
derivatives  at  the  all-electron,  LDFT  level  (VWN/DZVP)  were  calculated 
analytically30  whereas  at  the  NLDFT  level  or  when  pseudopotentials  were  used 
the  second  derivatives  were  calculated  by  numerical  differentiation  of  the 
analytic  first  derivatives.  A  2  point  method  with  a  finite  difference  of  0.01  a.u. 
was  used. 


RESULTS  AND  DISCUSSION 

Synthesis  and  Properties  of  NfCH^aXeOF?;.  The  synthesis  of 
N(CH3)4XeOF5  was  achieved  according  to  reaction  (1). 

N(CH  3)4F  +  XeOF„  N(CH  ^  (1  ( 

The  compound  is  a  white,  highly  sensitive  solid  that  can  explode 
when  touched  with  a  spatula.  Rapid  freezing  of  CH3CN  mixtures  has  also 
resulted  in  explosions.  Its  thermal  stability  was  examined  by  differential 
scanning  calorimetry.  It  undergoes  a  strongly  exothermic,  violent 
decomposition  at  1 45°C.  The  compound's  solubility  in  CH3CN  at  25°C  is  very 
low  and  strongly  decreases  with  decreasing  temperature.  This  poor  solubility  in 
CH3CN  has  limited  the  NMR  studies  to  room  temperature  and  has  frustrated 
attempts  to  grow  single  crystals  for  an  X-ray  diffraction  study. 
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129Xe.  17Q.  and  19F  NMR  Study  of  XeOFs'.  The  solubility  of 
N(CH3)4XeOFs  in  CH3CN  was  sufficient  to  allow  the  observation  of  129Xe,  170 
and  19F  NMR  spectra  at  room  temperature. 

The  129Xe  NMR  spectrum  of  a  saturated  solution  of  N(CH3)4XeOF5 
(oxygen  isotope  composition:  160,  35.4%;  170,  21.9%;  180,  42.7%)  in  CH3CN  at 
30°C  [Figure  (1)]  reveals  a  broad  singlet  (AD1/2  =  2707  Hz)  at  8(129Xe)  =  357.9 
ppm.  The  lack  of  resolved  spin-spin  coupling  to  the  five  19F  ligand  nuclei  can 
be  attributed  to  intermolecular  fluorine  exchange  which  has  also  previously 
been  observed,  although  to  a  much  lesser  extent,  in  the  structurally  related 
[XeFs]'  anion.11  Attempts  to  reduce  the  rate  of  exchange  by  cooling  the  sample 
or  by  adding  excess  N(CH3)4+F‘  were  unsuccessful  owing  to  the  very  low 
solubility  of  N(CH3)4XeOF5  in  CH3CN  below  room  temperature.  The  129Xe 
chemical  shift  is  substantially  more  shielded  (i.e.,  by  -357.9  ppm)  than  that  of 
neat  XeOF4[5(129Xe)  =  0.0  ppm]  This  follows  the  expected  trend  of  increased 
shielding  with  an  increase  in  negative  charge  which  is  also  observed  for  the 
129Xe  shielding  of  XeFs'  with  respect  to  that  in  XeF4.11>31 

The  170  NMR  spectrum  of  the  same  sample  [Figure  (2)]  shows  a 
broad  singlet  (Adi/2  =  327  Hz)  at  6  (170)  =  270.8  ppm.  In  addition,  shoulders  are 
observed  at  the  base  of  the  resonance  which  are  attributed  to  natural 
abundance  (26.44%)  129Xe  satellites  and  demonstrate  the  nonlability  of  the 
Xe=0  bond.  Gaussian  deconvolution  of  the  spectrum  allows  the  extraction  of 
1J(170-129Xe)  as  566  Hz.  This  coupling  is  significantly  smaller  than  the  1J(170- 
129Xe)  coupling  in  XeOF4  and  [XeOF3]+  (viz.,  704  Hz14  and  619  Hz,32 
respectively)  which  may  be  a  consequence  of  the  more  polar  bonds  in  the 
anion. 


The  19F  NMR  spectrum  of  a  saturated  solution  of  NfOb^XeOFs  in 
CH3CN  at  30°C  [Figure  (3)]  reveals  two  resonances:  an  intense  broad  singlet 
(Ad  1/2  =  975  Hz)  at  5(19F)  =  118.9  ppm  and  a  weak  sharp  singlet  flanked  by 
129Xe  satellites  [1J(19F-129Xe)  =  1570  Hz]  at  5(19F)  =  92.5  ppm.  The  broad 
resonance  is  attributed  to  the  [XeOF5]'  anion  with  the  fluoride  ligands 
undergoing  intermolecular  exchange  in  agreement  with  the  findings  in  the 
129Xe  spectrum;  the  weak  sharp  resonance  results  from  a  small  amount  of 
solvated  XeOF4.  The  high  frequency  19F  chemical  shift  of  [XeOF5]'  with  respect 
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to  XeOF4  parallels  the  similar  behavior  of  the  19F  chemical  shifts  of  the 
pentagonal  plane  of  F  ligands  in  XeF4  and  IOF5. 11115  This  chemical  shift  trend 
appears  to  be  characteristic  of  a  pentagonal  planar  arrangement  of  fluorine 
ligands  around  a  heavy  main-group  atom11*15-33  and  indicates  that  the  [XeOF5]‘ 
anion  adopts  a  pentagonal-bipyramidal  structure,  in  agreement  with  the  data 
from  the  vibrational  spectra  of  N(CH3)4XeOF5  (see  below). 

Vibrational  Spectra  and  Electronic  Structure  Calculations. 

The  vibrational  spectra  of  N(CH3)4XeOF5  were  recorded  and  are  summarized  in 
Table  1.  They  are  in  good  agreement  with  the  Raman  spectra  previously 
reported6'8  for  CsXeOF5  for  which  a  distorted  octahedral  structure  of  Cs 
symmetry  had  been  proposed.7-8  In  the  absence  of  a  crystal  structure,  the 
vibrational  spectra  were  thoroughly  analyzed  to  distinguish  between  the 
different  possible  structural  models.  Since  the  previously  reported6  Raman 
spectrum  of  CsXeOFs  at  low  temperatures  exhibited  splitting  into  numerous 
extra  bands,7-8  the  number  of  observed  bands  alone  does  not  permit  a  positive 
distinction  between  the  different  symmetries  of  the  proposed  models.  To 
overcome  this  problem,  electronic  structure  calculations  were  carried  out  for 
[XeOF5]-  at  a  number  of  theoretical  levels. 

Before  we  discuss  the  calculations,  we  first  describe  our  results  on  the 
model  compound  XeOF4  whose  structure  and  vibrational  spectra  are  well 
-understood.  Calculations  were  done  at  the  HF/ECP/DZP,  MP2/ECP/DZP, 
VWN/DZVP,  VWN/PP/DZVP,  BP/DZVP,  and  BP/PP/DZVP  levels.  The  geometry 
results33  are  shown  in  Table  2  and  the  frequencies34  are  shown  in  Table  3.  The 
geometry  results  show  some  interesting  trends.  The  HF/ECP/DZP  and 
MP2/ECP/DZP  calculations  predict  the  Xe=0  bond  to  be  too  long  by  less  than 
0.02  A.  The  Xe-F  bond  length  is  bracketed  by  the  two  methods  with  the  HF 
results  short  by  0.02  A  and  the  MP2  value  long  by  0.055  A.  At  the  LDFT  and 
NLDFT  levels,  neither  all-electron  calculation  can  reproduce  the  experimental 
geometry.  However,  the  use  of  a  pseudopotential  on  Xe  leads  to  much  better 
results.  At  both  the  LDFT  and  NLDFT  levels,  the  Xe=0  bond  length  is  shorter 
than  the  experimental  value.  The  VWN/PP/DZVP  value  for  the  Xe-F  bond 
length  is  short  by  0.02  A  whereas  the  BP/PP/DZVP  result  is  slightly  longer.  The 
best  prediction  of  the  geometry  is  at  the  BP/PP/DZVP  level.  The  vibrational 
spectra  show  some  interesting  trends.  Although  the  Xe=0  bond  length  is 
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predicted  reasonably  well  at  the  HF  level,  the  Xe=0  harmonic  stretch  is 
predicted  to  be  too  low  by  almost  150  cm'1.  Scaling  the  stretches  (excluding  the 
Xe=0  stretch)  at  the  HF  level  by  0.89  and  the  bends  by  0.84  brings  the  results 
into  better  agreement  with  the  experimental  values.  The  MP2  level  predicts  the 
Xe=0  stretch  to  be  high  by  75  cm'1,  consistent  with  the  fact  that  the  theoretical 
value  is  harmonic  and  the  experimental  value  includes  anharmonic  effects.  As 
would  be  expected  based  on  the  geometries,  the  DFT  calculations  with  the 
DZVP  basis  set  do  a  poor  job  at  predicting  the  frequencies  for  XeOF4.  Use  of 
the  unsealed  VWN  values  seems  to  give  the  best  agreement  with  experiment. 
The  only  differences  between  the  calculated  and  experimental  values  at  the 
VWN  level  that  are  greater  than  20  cm'1  are  0)3,  \)7  and  \>g  with  the  largest  error 
of  46  cm'1  found  for  u7.  Based  on  these  results  for  XeOF4,  we  only  performed 
calculations  on  [XeOF5]'  with  either  pseudopotentials  or  effective  core  potentials 
at  the  HF,  MP2,  VWN,  and  BP  levels. 

The  calculations  on  [XeOF5]'  were  done  for  the  C5v  (II)  and  C4v  (III) 
structures.  An  attempt  to  find  a  vibrationally  stable  structure  of  Cs  symmetry  for 
Model  I  was  unsuccessful.  Both  the  C5v  (II)  and  C4v  (III)  structures  were  found  to 
be  stable  vibrational  minima  at  all  levels  of  theory  except  at  the  HF  level  where 
the  C4v  structure  essentially  dissociated  into  XeOF4  and  [Fj*.  In  the  three  cases 
where  correlation  energy  is  included  at  some  level  in  the  calculation,  the  C4v 
structure  is  actually  predicted  to  be  more  stable  than  the  Csv  structure  by  15.1, 
8.4  and  12.9  keal/mol  at  the  MP2,  VWN  and  BP  levels,  respectively.  The 
geometry  parameters  for  [XeOF5]'  in  C5v  symmetry  are  given  in  Table  4.  By 
using  appropriately  chosen  scale  factors  from  XeOF4,  we  can  estimate  an 
"experimental"  structure  of  [XeOF5]\  The  Xe=0  bond  distance  is  not  predicted 
to  change  significantly  from  that  in  XeOF4.  However,  there  is  a  significant 
lengthening  of  the  Xe-F  bonds  by  0.08  A  on  addition  of  [Fj'to  XeOF4.  The  Xe-F 
distance  is  predicted  to  be  slightly  shorter  than  the  average  value  of  r(Xe-F)  = 
2.01  A  found  experimentally  in  the  crystal  for  [XeFs]'. 

The  vibrational  spectra  which  were  experimentally  observed  for  the 
solid  XeOF5'  salts  (see  Table  1),  are  in  accord  only  with  the  C5v  results  and  not 
with  those35  predicted  for  the  energetically  favored  C4v  structure.  This 
disagreement  is  deemed  insignificant  because  (1)  the  energy  differences 
between  the  Csv  and  C4v  structures  are  not  large;  (2)  the  energies  were 
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calculated  for  the  free  gaseous  XeOF5'  ion  and  not  for  solid  XeOF5'  salts;  (3)  the 
electronic  structure  calculations  at  these  levels  of  theory  might  not  reliably 
predict  effects  as  subtle  as  the  steric  activity  of  a  free  valence  electron  pair,  and 
(4)  the  steric  activity  of  a  free  valence  electron  pair  of  an  ion  in  a  solid  salt  can 
be  strongly  influenced  by  the  nature  of  the  counterion,  as  has  been 
demonstrated36  for  the  structurally  closely  related  SeX62'  and  TeX62'  salts. 
Depending  on  the  symmetry  of  the  crystal  field,  the  free  valence  electron  pair  on 
the  central  atom  of  these  anions  can  be  sterically  either  active  or  inactive.  As  an 
example  of  the  difficulty  in  predicting  the  geometry  of  these  ions,  we  calculated 
the  electronic  structure  of  the  isoelectronic  [IFe]'  ion.  At  the  HF  level,37  it  has 
been  shown  that  the  structure  with  C3V  symmetry  is  lower  in  energy  by  23.5 
kcal/mol  compared  to  the  Oh  structure  and  the  C2V  symmetry  structure  is  21.6 
kcal/mol  lower  in  energy  than  the  octahedral  structure.  This  result  is  consistent 
with  the  experimental  measurements  on  this  compound.10’38  At  the 
VWN/PP/DZVP  level,  [IFe]"  is  predicted  to  be  very  close  to  an  octahedron 
although  there  may  be  a  slight  distortion  to  Cav  symmetry.  Beginning  from  a 
structure  of  C2v  symmetry,  the  structure  collapsed  to  a  structure  of  Oh  symmetry 
whereas  beginning  from  C3V  symmetry,  the  structure  relaxed  to  a  nearly 
octahedral  structure  with  C3V  symmetry  which  is  only  0.5  kcal/mol  more  stable 
than  the  Oh  structure.  A  structure  of  Csv  symmetry  was  found  to  be  a  minimum 
for  [IF6]'  but  was  found  to  be  16.0  kcal/mol  less  stable  than  the  structure  of  near 
Oh  symmetry. 

A  normal  coordinate  analysis  was  also  carried  out  for  [XeOFs]'  in  point 
group  Csv  The  nine  fundamental  vibrations  can  be  classified  as  T  =  3Ai(IR,Ra) 
+  3Ei(IR,Ra)  +  3E2(Ra).  The  internal  coordinates  and  symmetry  coordinates 
used  for  [XeOFs]'  are  analogues  to  those  previously  given  for  the  closely  related 
[XeFs]’11  and  [IOF6]'15  anions.  The  symmetry  force  constants  and  the  potential 
energy  distribution  for  XeOFs'  are  summarized  in  Table  5.  The  listed  force  field 
is  based  on  the  Ai  and  E2  blocks  from  the  VWM/PP/DZVP  calculation  and  the  Ei 
block  from  the  HF/ECP/DZP  calculation  because  their  scaled  frequencies 
showed  the  smallest  deviations  from  the  experimental  values.  The  use  of 
symmetry  blocks  from  two  different  sets  of  calculations  is  permissible  since  the 
symmetry  blocks  are  completely  independent  of  each  other.  The  internal 
stretching  force  constants  of  [XeOF5]'  are  compared  in  Table  6  to  those  of 
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closely  related  molecules1 1,34,39  and  ions  and  exhibit  the  expected  trends,  i.e., 
the  addition  of  a  negatively  charged  [F]'  ligand  to  XeOF4  or  XeF4  causes  a 
weakening  of  both  the  Xe=0  and  the  Xe-F  bonds  due  to  an  increase  of  the 
polarities  of  the  Xe-ligand  bonds.  The  addition  of  an  oxygen  ligand  to  [XeF5]*  or 
XeF4  results  in  a  slight  strengthening  of  the  Xe-F  bonds,  but  the  effect  is  small 
and  indicates  that  the  electron  withdrawing  effect  of  the  oxygen  ligand  is  weak 
i.e.,  the  effective  electronegativities  of  the  oxygen  ligand  and  the  [XeF5]‘  or  XeF4 
groups  must  be  similar. 


DISCUSSION 

The  above  results  and  their  analysis  strongly  support  for  [XeOFs]'  a 
pseudopentagonal-bipyramidal  structure  of  Csv  symmetry  with  a  localized  free 
valence  electron  pair  on  Xe.  This  structure  is  analogous  to  those  known  for 
[XeFs]*  and  [lOFe]'  but  differs  from  that  of  free  XeF6  which  is  a  highly  fluxional, 
dynamically  distorted  octahedron  with  six  fluorine  ligands  and  a  delocalized 
sterically  active  free  valence  electron  pair  on  xenon.  This  raises  the  question  as 
to  what  causes  this  different  behavior  of  the  free  valence  electron  pair  in  these 
heptacoordinated  species.  The  following  rationale  provides  a  ready  answer.  If 
in  a  heptacoordinated  species  all  seven  ligands  are  identical,  as  for  example  in 
IF7,40  [TeFy]"  or  [XeF7]+,41  the  resulting  structure  is  a  highly  fuxional  pentagonal- 
bipyramid  in  which  axial  and  equatorial  ligands  can  easily  exchange  positions. 
If  one  of  the  seven  ligands  is  replaced  by  a  more  repulsive  or  space  filling 
ligand,  such  as  a  doubly  bonded  oxygen  atom  in  [IOF6]',15  this  more  repulsive 
ligand  will  be  restricted  to  one  of  the  less  crowded  axial  positions  because  a 
positional  exchange  with  an  equatorial  ligand  is  energetically  unfavorable.  This 
results  in  a  rigid  structure  of  Csv  symmetry.  If,  however,  this  more  repulsive 
ligand  is  a  free  valence  electron  pair  which  can  be  easily  delocalized,  the 
resulting  structure  can  readily  undergo  dynamic  distortion  and  intramolecular 
fluorine  exchange  and  one  obtains  the  dynamically  distorted  octahedral  XeF6 
type  structures.  Another  example  of  this  type  of  structure  is  [IF6]'.10,38  This  type 
of  structure,  however,  is  only  observed  if  there  is  enough  room  around  the 
central  atom  for  seven  ligands.  If  the  maximum  coordination  number  is  reduced 
to  six,  as  in  [CIFe]‘42  or  [BrF6]', 38,43,44  the  free  valence  electron  pair  becomes 
sterically  inactive  resulting  in  a  rigid  octahedron. 
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Replacement  of  two  fiuorine  ligands  in  XF7  by  more  repulsive  ligands 
invariably  leads  to  a  rigid  pentagonal  bipyramid  since  these  two  ligands  can 
minimize  their  mutual  repulsion  by  occupation  of  the  two  opposing  axial 
positions.  Typical  examples  for  such  cases  are  either  [XeFs]'11  which 
possesses  two  free  valence  electron  pairs  on  Xe  or  [XeOF5]'  which  possesses 
one  free  pair  and  one  doubly  bonded  oxygen  ligand.  This  rationale  can 
account  for  all  the  experimentally  observed  geometries  and  the  presence  or 
absence  of  fluxionality  in  these  heptacoordinated  species  and  allows  the 
following  general  predictions  where  E  and  R  signify  free  valence  electron  pairs 
and  more  repulsive  ligands,  respectively: 

XF7:  Fluxional  pentagonal-bipyramid 

XFeE:  Fluxional  distorted  octahedron 

XF5E2:  Semirigid  pentagonal-bipyramid  with  two  axial  free  electron  pairs 

XFeR:  Rigid  pentagonal-bipyramid  with  a  more  repulsive  axial  ligand 

XF5R2:  Rigid  pentagonal-bipyramid  with  two  more  repulsive  axial  ligands 

XF5ER:  Rigid  pentagonal-bipyramid  with  a  more  repulsive  axial  ligand  and 

axial-free  electron  pair. 
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DIAGRAM  CAPTIONS 


Figure  1.  129Xe  NMR  spectrum  (139.051  MHz)  of  a  saturated  solution  of 

N(CH3)4+XeOF5-  in  CH3CN  at  30°C. 

Figure  2.  170  NMR  spectrum  (67.801  MHz)  of  a  saturated  solution  of 

N(CH3)4+XeOF5‘  (oxygen  isotopic  composition:  160,  36.5%,  170, 
26.5%  and  180,  37.0%)  in  CH3CN  at  30°C. 

Figure  3.  19F  NMR  spectrum  (470.599  MHz)  of  a  saturated  solution  of 

N(CH3)4+XeOF5-  in  CH3CN  at  30°C:  (A)  XeOF5';  (B)  XeOF4*CH3CN. 
Asterisks  denote  129Xe  satellites. 
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FIGURE  3 


Table  2.  Observed  and  Calculated  Geometries  for  XeOF4 
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Table  3.  Observed  and  Calculated  Vibrational  Frequencies  (cnr1)  for  XeOF4 


Table  4.  Calculated  Geometries  of  Csv  [XeOFs]' 


n 

T5 

£ 

O 

'•5 

CM 

(V. 

0) 

o> 

CM 

CD 

a> 

L. 

1— 

T“ 

CM 

tL 

CL 

CD 

rv 

CL 

> 

N 

Q 


0- 
CL  O 


CQ  Ui 


£  O 

>  UJ 


CO 

in 

0 

0 

h» 

0 

CO 

CO 

T“ 

CM 

CM 

r-' 

CD 

fv 

CL 

N 

|v- 

CO 

D 

CO 

cvi 

cl 

|v. 

O 

CO 

CD 

CL 

O 

y— 

CM 

cvi 

T— 

2 

HI 

0) 

IV. 

CL 

Nl 

CO 

in 

Q 

CO 

m 

HZ 

rv 

CD 

O 

0 

LL 

O 

cvi 

I 

UJ 

o> 

fv 

Table  5.  Symmetry  Force  Constants®  and  Potential  Energy  Distribution6  of  Csv  [XeOFsl'  Calculated  from 
the  Scaled  VWN/PP/DZVP  (Ai  and  E2)  and  HF/ECP/DZP  (Ei)  Second  Derivatives 
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Table  6.  Comparison  of  the  Stretching  Force  Constants  (mdyn/A)  of  IXeOF5] 
to  Those  of  Similar  Molecules  and  Ions 
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(a)  Data  from  ref.  1 1 . 

(b)  Data  from  ref.  34. 

(c)  Data  from  ref.  39. 
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